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PREFACE 


The remark has been made that we have known little about 
solids because their properties depend upon the arrangement 
of the molecules and that to make headway we must learn the 
laws of arrangement. The determination, since 1912, of the 
crystal structures of literally hundreds of compounds has finally 
led, within the last ten years, to the discovery of the important 
principles governing the arrangement of atoms in crystals. 
Systematic crystal chemistry is being evolved. 

Crystal chemistry is the study of (1) the laws governing the 
arrangement of atoms in solids and (2) the influence of the 
arrangement and electronic structure of the atoms upon the phys¬ 
ical and chemical properties of the solid. 

Because the principles of crystal chemistry involve significant 
revisions of some of the basic concepts of chemistry, they must, 
eventually, take their places in the equipment of every chemist 
and in the elements of chemical instruction. 

It seems unnecessary to observe that the generalizations of 
crystal chemistry should be furnished the student at the begin¬ 
ning of his chemical training, provided that they can be pre¬ 
sented in a simple but accurate form. With this conviction, the 
author started, some six years ago at the University of Illinois, to 
devote two weeks of the introductory course in general chemistry 
to the presentation of these fundamental ideas. It appeared 
that the students not only were able to understand and apply the 
principles and appreciate their usefulness, but that student 
interest in chemistry in general was heightened. The very 
incompleteness of the subject seems to stimulate the imagination 
of those students who are really interested. The broad, 
general concepts of crystal chemistry are now well founded, but 
a more detailed treatment reveals ideas still in the making, sub¬ 
ject to constant revision. 

Although there have been many reviews published on the 
various phases of the structure and properties of solids, no 
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publication has been available which presents a general picture 
of the subject in simple form, useful as a text or as a point of 
departure for a more thorough study of the field. This book is 
intended to fill that need with the hope that, incidentally, the 
incorporation of the ideas of crystal chemistry into the usual 
courses in inorganic chemistry may serve to revitalize the teach¬ 
ing of the latter subject. 

Opinions will naturally differ concerning the point in the 
chemistry curriculum at which the subject can most profitably be 
introduced, and an attempt has been made to arrange the book to 
meet this situation. The first chapter presents briefly the 
broad, basic concepts of crystal chemistry and is intended, 
together with judicious selections from the chapter on the 
structure of the elements, for use in the introductory course 
in chemistry. The fundamentals outlined in the Introduction 
are developed in greater detail in later chapters and the book as 
a whole is suitable for use in advanced courses. The last two 
chapters concerning the structure of fibers may be read by the 
beginner or the advanced student quite apart from the rest of 
the book. The fibrous structure is of particular technical inter¬ 
est because it is found in such a large variety of natural and 
synthetic products and exerts a significant influence on their 
properties. 

This book is intended to be complete insofar as the general 
conceptions are concerned, but much detail has necessarily been 
omitted. To the relatively few people specializing in this field 
it may offer little that is new, save perhaps a useful assembling of 
a great deal of interesting material heretofore scattered far and 
wide. The bibliography is not exhaustive, but reference has 
been made to many papers which offer good points of departure 
for those who wish to explore the subject in greater detail. 

The author’s main purpose, however, is to present the broader 
aspects of this relatively new branch of chemistry in as simple a 
fashion as is consistent with accuracy, trusting that chemists in 
general will find this point of view useful in the rationalization 
of a great many chemical and physical facts concerning solids. 

Many people have given generously of their time to criticize 
various parts of the manuscript. Among these are Mr. J. B. 
Calkin; Drs. R. B. Corey, S. B. Hendricks, M. L. Huggins, 
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E. R. Jette, Linus Pauling, L. W. Pickett, Otto Reinmuth, H. A. 
Smith, and W. H. Zachariasen. The author is particularly 
grateful to Dr. Ralph Hultgren and Dr. B. E. Warren, with 
whom much of the subject matter has been discussed at some 
length. The continued interest shown by Dr. G. L. Clark in 
the progress of the book is keenly appreciated. It is understood, 
of course, that, while many of their suggestions have been very 
helpful, these men are in no sense responsible for the contents 
of this book. That responsibility lies entirely with the author. 

Parts of Chapters I, V, VI, and XII have appeared in the 
Journal of Chemical Education and permission for their reproduc¬ 
tion is gratefully acknowledged. 

Charles W. Stillwell. 

Framingham, Mass., 

March , 1938 . 
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CKYSTAL CHEMISTRY 


CHAPTER I 

INTRODUCTION 

The essential difference between the liquid and solid states, 
according to our present conception, is a difference in the relative 
mobilities of the molecules. In liquids the molecules are more 
active and are free to move around considerably. In solids the 
molecules possess less energy, and their attraction for each other 
holds them in apparently rigid positions in which the motion of 
each is relatively restricted. 

The study of the formation of crystals and the conditions 
controlling their growth has shown that their outward form or 
habit may be modified by these conditions. For the present, 
.however, we must pass over this very interesting part of the 
story and limit ourselves to the study of the properties of crystals 
already formed. 

A well-formed crystal is relatively rare in nature, and unless 
special precautions are taken, it is difficult to prepare one of any 
great size in the laboratory. As a result, crystals were formerly 
considered as rather mysterious exceptions to the more common 
forms of solids. Albert Dtirer, the sixteenth century artist, in 
an etching called “Melancholia,” displays prominently a large 
crystal to depict one of the unfathomable mysteries of nature. 
In the latter sixteenth century the microscope was invented, and 
then came the realization that crystals were much more common 
than had been supposed; in fact, it was observed that most of 
the minerals found in nature and the precipitates formed in the 
laboratory are actually crystalline, but too minute for the regu¬ 
larity of form to be observed with the naked eye. 

About 150 years ago the science of crystallography—the study 
of the outward form of crystals—was founded with the publica- 

1 
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tion of Haiiy’s “Essai d’une theorie sur la structure des cristaux.” 
The crystallographer learned to classify the many crystalline 
substances according to their outward form, particularly by the 
angles formed between faces of the crystals. This was first done 
for calcite by Huygens and reported in his “Treatise on Optics” 
in 1690. 

Considering its limitations, crystallography made remarkable 
progress. As a result of the observation of outward form, the 
careful measurement of interfacial angles and the study of the 
cleavage properties of crystals, all crystals were found to belong 
to one of six great groups or systems, described briefly as follows: 1 

1. The Cubic System .—Three axes at right angles to each other 
and equal in length. a = b = c;a = |3 = 7 = 90 deg. Examples: 
NaCl, CaO, Ni(NH 3 )6Cl 2 , Cu, diamond. 

2. The Tetragonal System .—Three axes at right angles to each 
other, two of these equal in length, a — b ^ c; 


a = fi = y = 90 deg. 


Examples: Sn0 2 , K 2 PtCl 4 , BeS0 4 -4H 2 0, Sn. 

3. The Orthorhombic System. —Three axes at right angles to 
each other, all different in length, a ^ b ^ c; 

a = |3 = 7 = 90 deg. 

Examples: HgCl 2 , K 2 S0 4 , I. 

4. The Monoclinic System. —Three axes, one perpendicular to 
the plane of the other two, which may make any angle with each 
other. The axes are unequal in length, a ^ b ^ c; b JL a and 
c. Examples: KC10 3 , K 3 Fe(CN) 6 , CaS0 4 -2H 2 0, S. 

5. The Triclinic System. —Three axes making any angles with 
each other and of unequal lengths, a b c; 

a 5 ^ M 7 ^ 90 deg. 

Examples: CuS0 4 -5H 2 0, Al 2 Si0 5 , K 2 S 2 0 8 . 

6 . The Hexagonal System. —Two axes in one plane, making 
angles of 120 deg. with each other and equal in length. The 

1 For a more detailed discussion of crystallography, see any good book 
on mineralogy; or R. W. G. WyckofTs “The Structure of Crystals, M 2d ed. t 
Chap. II, Reinhold Publishing Corporation, New York, 1930. 
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third axis is perpendicular to this plane and of different length. 
a = b 7 * c; a = = 90 deg., y = 120 deg. Examples: Si02 

(quartz), Agl, NaI 04 - 3 H 2 0 , Zn. 

The Hexagonal System, Rhombohedral Division. —Three axes of 
equal length and making equal angles with each other, but not 
right angles, a = b = c; a = 0 = y 90 deg. Examples: 
AI2O3, CaCOs (calcite), As, Sb, Bi. 

A casual glance at the examples listed for the several systems 
indicates the utter futility of an attempt to relate the crystal 
system, in which a substance occurs, to its chemical properties. 
In the cubic system are found representatives of elements, oxides, 
salts, and complex compounds. Elements are to be found in five 
of the six systems. As was to be expected, no significant progress 
was made in correlating crystalline form and the chemical nature 
of solids. 

As the science developed, attention was turned from the out¬ 
ward form to a consideration of the inner structure of crystals, 
and people speculated upon the various symmetrical arrange¬ 
ments of points in space. We now know that there are 32 classes 
of symmetry geometrically possible. This was first discovered 
in 1830, but its importance was not realized until many years 
later. There was no way of obtaining experimental evidence 
of the internal structure of crystals because molecules are too 
small to be seen even with the most powerful microscope. To 
be visible, an object must be large enough to cast a shadow which 
may be seen or to scatter light which falls upon it. 

The purely imaginary picture of the interior of a crystal, built 
up of discrete building blocks of atoms or molecules, became so 
realistic that Barlow, 1 in 1897, assuming the atoms to be spheres, 
postulated a number of hypothetical arrangements of such spheres 
in space as determined by their relative sizes. Sollas, in 1898, 
proposed a method to determine the sizes of atoms in crystals and 
attempted to show a definite relation between the relative sizes 
of these building stones and the type of crystal which was formed. 2 
Sollas’s discussions were faulty in detail, and his method of 
determining the volumes of atoms was inadequate, although the 
best available at the time, but some of his general conceptions 

1 Barlow, W., Set. Proc. Roy . Dublin Soc., 8, 527 (1893-1898). 

* Sollas, W. J., Proc. Roy. Soc. {London), 63, 270, 286 (1898). 
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show remarkable insight and have recently been substantiated. 1 
The feeling that the volumes of atoms have an important bearing 
on the formation of crystals persisted in the writings of Barlow 
and Pope 2 and Barker, 3 but again, although their deductions 
were ingenious, they were hampered by the lack of a reliable 
method of determining the sizes of the atoms in crystals. 

It was in 1912 that von Laue and associates demonstrated that 
X rays, discovered by Roentgen in 1896, might be useful to 
investigate the inner structure of crystals 4 and opened the way 
for the real development of the study of solids. For the first 
time, investigators had at hand a method for peering beneath 
the surface of a crystal and studying more than its outward 
form. There was the possibility of fixing the position of each 
atom or molecule, each building stone in the crystal, and of 
measuring the size of these building stones with a fair degree of 
accuracy. 

The details of the X-ray analysis of crystals are rather involved, 
but the fundamental principles are comparatively simple and 
easy to understand. 5 If a beam of X rays is passed through a 
crystal, the successive planes of atoms act like reflectors for the 
rays. In order to detect the “reflected” ray, it is necessary that 
all the rays “reflected” from the several planes in a given set 
reinforce each other. This can occur only when n\ = 2 d sin 6 
(see Fig. 1), where 0 is the angle of incidence, X is the wave length 
of the X rays, d is the distance between successive planes of 
atoms, and n is a whole number. 6 If a photographic plate is 

1 His proposals, for example, that atoms and ions differ in size and that 
ionic radii are not constant but vary according to their environment (see 
Chap. II). 

a Barlow, W., and W. J. Pope, J. Chem. Soc., 89, 1727 (1906); 93, 1528 
(1908). 

s Barker, T. V., J. Chem. Soc. f 101, 2490 (1912). 

4 Friedrich, W., P. Knipping, and M. von Laue, Ann. Physik , 41, 971 
(1912). 

6 For the most elementary and entirely adequate treatment, see W. L. 
Bragg, ** Introduction to Crystal Analysis,” G. Bell & Sons, Ltd., London, 
1928. See also, G. L. Clark, “Applied X-rays,” 2d ed., McGraw-Hill 
Book Company, Inc., New York, 1932; Wyckoff, R. W. G., “The Structure 
of Crystals,” 2d ed., Reinhold Publishing Corporation, New York, 1930. 

* This is known as the Bragg equation. Von Laue interpreted the spots 
on his diffraction pattern by treating each point in the crystal as a diffraction 
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fixed at P (Fig. 1), there will be a darkening at A by the part of 
the incident beam which passes unscattered through the crystal 
and a darkening at B by the scattered or reflected beam. Obvi¬ 
ously, if the distance from the crystal to the photographic plate 
is known, the distance AB is measured, and monochromatic 
X rays of known wave length X are used, then the angle 6 may be 
calculated, and the distance d between the planes of atoms in 
the crystal may be determined. 




Fig. 1.—(a) General procedure in the use of the Bragg equation, nX = 2d sin 0, 
in the determination of interplanar spacings in crystals. ( b ) A few of the 
possible sets of planes in a two-dimensional lattice. 

When points are arranged regularly in space, it is possible to 
imagine planes through these points in many different directions. 
Everyone who has had occasion to pass a field of corn, regularly 
planted, has observed that, from a single vantage point, rows 
seem to radiate in many directions as illustrated in Fig. 2. In a 
three-dimensional lattice, like a crystal, the same sort of thing 
occurs, but here we are interested in sets of parallel planes instead 
of parallel lines. When the distances between many sets of 

center. W. L. Bragg suggested \Proc. Cambridge Phil. Soc., 17, 43 (1913)] 
that the process is geometrically equivalent to a reflection of rays in a series 
of atomic planes parallel to a crystal face. This suggestion has simplified 
the interpretation of diffraction patterns considerably and has been invalu¬ 
able for that reason. 
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intersecting planes have been calculated, the position of each 
atom in the crystal becomes known. Their positions may be 
defined in terms of a three-dimensional system, known as the 
“crystal lattice,” the framework which defines the pattern upon 
which the crystal is built. The smallest unit of this lattice which 
illustrates all of its characteristic geometrical properties is known 
as the “unit cell.” This unit, repeated successively throughout 
space, builds the crystal. Crystals of a given substance may 



A 

Fig. 2.—Seta of parallel lines in a point pattern extending in the directions 
indicated by the arrows. 

grow to enormous dimensions by the regular addition of these 
identical building units, and so the effect of all crystals of the 
same substance on X rays is the same, be they the size of a shoe 
box or invisible to the naked eye. 1 The term “length of axis” 
which was used in defining the six crystal systems now takes on 
a more definite meaning. It refers to the relative distances 
between the building stones along the three axes of the crystal. 
If, for example, the building stones are placed the same distance 
apart along all three axes, as they are in the cubic crystals, then 
the axes are said to be equal in length. The crystal structure 
and the size of the unit cell of a substance are characteristic prop- 

1 Crystals of cross section less than 10“* cm. are too small to produce 
sharp diffraction patterns. 
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erties by means of which that substance may be distinguished 
from others. 

Since 1912 our knowledge of the structure of crystals has grown 
at a tremendous rate, until today literally thousands of different 
crystalline substances have been studied more or less completely. 
Contrary to the earliest conception of a crystal as an exceptional 
form of solid matter, we now know that there are very few solids 
indeed which are not crystalline. Before 1912 it was customary 
to call “amorphous” all those precipitates which did not appear 
to be crystalline when examined with the microscope. The more 
sensitive X rays detected a regular arrangement of particles in 
most of these precipitates. We now list among the crystalline 
or partly crystalline substances most inorganic and organic sub¬ 
stances, including many things not commonly thought of as 
crystals, such as wood, cotton, wool, silk, rubber, shells, bone, 
wax, and others. These will be described in detail in later chap¬ 
ters. The important noncrystalline or vitreous solids are the 
glasses, a group of oxides and certain salts of these oxides, and 
many of the resinous solids. These substances are more properly 
classified as supercooled liquids. Without a doubt, the most 
interesting aspect of all that has been learned about solids these 
twenty years is the remarkable orderliness of nature, the precision 
and regularity with which nature builds most solid matter. 
Lately it has been proposed that even in the vitreous or glassy 
“solids” there is a certain consistency of structure, an orderliness 
which causes them to solidify in their apparently disorderly way. 1 
Thus, as our understanding of solids develops, the consistency 
of nature, even in the face of apparent inconsistencies, is a source 
of never failing fascination. 

As was to be expected, the rapid accumulation of crystal struc¬ 
ture data stimulated attempts to find some relation between the 
structure of crystals and their chemical composition and other 
chemical and physical properties. The true scientist is never 
satisfied merely to amass data. Facts are a means to an end, and 
he seeks to classify these data and, from his classification, to 
evolve a useful generalization on the basis of which additional 
facts may be predicted. In this case the very nature of solid 

1 Zachariasen, W. H., Phys. Rev., 39, 185 (1931); Warren, B. E., Z. 
Krist ., 86 , 349 (1933) (in English); and see Chap. VIII. 
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matter was at stake. Inquisitive people were asking: What 
relation is there between the structure of crystals and their 
chemical nature? If NaCl and KC1 are isomorphous, why should 
CsCl have a different structure? What determines the crystal 
structure of a given element or compound? What kind of forces 
hold the building units together in a crystal? Does the fact 
that AlCU melts at 190°C. (at 2 \ atm.), while NaCl melts at 
805°C., have anything to do with their crystal structures? How 
are the properties of crystals related to their structures? 

With the structures of hundreds of crystalline solids at hand, 
the complexity of the data was baffling. The idea still persisted, 
however, that the atomic or ionic sizes have an important bearing 
on the question, and many investigators gave their attention to 
this matter. Foremost among these was Grimm who, in a series 
of papers starting in 1921, 1 pointed out many remarkable relations 
between the sizes and properties of ions, some of which will be 
considered in detail later. It was not until 1926-1927, 14 years 
after the first X-ray crystal-structure analysis, that generaliza¬ 
tions were finally found which suggest why solids crystallize in so 
many different forms, what factors determine the particular 
form in which a solid will crystallize, and how the properties of 
solids are related to their structures. These “laws of arrange¬ 
ment” were proposed independently by Goldschmidt in Oslo 2 
and by Pauling in this country. 3 The appearance of these 
proposals marks the beginning of what may be termed “crystal 
chemistry.” This youngest branch of chemistry, only ten years 
old and in many respects still in its infancy, is the subject of the 
succeeding chapters. 

The newness of crystal chemistry, its very incompleteness, 
adds greatly to its interest. We shall see that there are differ¬ 
ences of opinion in regard to some of the features, differences 
which cannot be definitely settled with the facts now at hand, 
and must be kept in mind in the light of facts still to be dis- 

1 Summarized by H. G. Grimm, “Handbuch der Physik,” vol. XXIV, 
p. 463, Julius Springer, Berlin, 1927. 

2 Goldschmidt, V. M., Skrifter Norske Videnskaps-Akad. Oslo , no. 2 
(1926); no. 8 (1926); Ber., 60, 1263 (1927); Trans . Faraday Soc. t 26 , 253 
(1929). 

2 Pauling, Linus, J. Am. Chem. Soc. t 49 , 765 (1927). 
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covered. In developing the generalizations of crystal chemistry, 
we shall expect them to serve two useful purposes: They should 
spare us the necessity of remembering a large number of isolated 
facts, and with their aid we should be able to predict facts not 
yet known. 

IONIC CRYSTALS 

It is wise to approach crystal chemistry by the simplest route. 
Consider compounds of the type AX. It is known that such 



UeS NaCl CsCl 

Fla. 3.—Typical crystalline structures of compounds of the general type AX. 

[From V. M. Goldschmidt , Trans. Faraday Soc., 25, 254(1929).] 

compounds may crystallize in many different forms, six typical 
examples of which are shown in the unit cells pictured in Fig. 3. 1 
Some of these are rather complicated, but those of sodium 
chloride and cesium chloride are easy to visualize and may be 
studied with profit. It will be seen that in the sodium chloride 
crystal there are six chlorine atoms nearest to the sodium at the 
center of the cube, and these lie in the centers of the faces of the 

1 The arrangement of atoms or ions in crystals may be shown in a number 
of ways. Three methods in common use have been utilized in this book so 
that they may become familiar. In Fig. 3 the positions of the centers of 
the ions are indicated, without regard for relative sizes. In Fig. 5 the ions 
are drawn to scale to show how they are packed into the available space. 
Figure 11 illustrates the use of projections of the unit cell in a single plane, 
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cube. In the cesium chloride structure, there are eight chlorine 
atoms at the corners of the cube which are nearest to the cesium 
at the center. Actual crystals, of course, are built up of many 
unit cells added to this one in three dimensions. The one cell 
serves to illustrate the plan of the entire crystal. 

It is evident that no particular chlorine atom belongs to the 
sodium (or cesium) at the center of the cube, and, therefore, 
NaCl (or CsCl) molecules, as such, do not exist in the crystal. 
In fact, these crystals are typical of a large group of so-called 
ionic crystals, in which the particles of which the crystals are 
built are ions rather than atoms or molecules. The ions are 
held together by the attraction of opposite electrical charges. 
Later we shall consider crystals in which forces holding the 
particles together differ from these ionic forces, and we shall 
find that the properties of such crystals also differ from those 
of ionic crystals. 

It is still possible to think of the crystal as a whole as a giant 
molecule. It should be noted that in spite of appearances to 
the contrary, the number of sodium ions in a unit cell is the same 
as the number of chloride ions, thereby satisfying the relation 
NaCl. This may be calculated by imagining other unit cells 
attached to the pictured one. Then ions at the corners arc 
shared by seven other unit cells and are only one-eighth in the 
pictured one; ions at edges are shared by three other unit cells 
and are one-fourth in the pictured one; ions in faces are one-half 
in the pictured cell. Only the sodium ion at the center belongs 
wholly to the single unit cell. 

One of the best ways to learn why AX compounds crystallize 
in different forms is to study a series of similar compounds in 
which a change in structure occurs and to find the factors upon 
which the structural change seems to depend. Suppose we con¬ 
sider the series LiBr, NaBr, KBr, RbBr, CsBr. The first four 
of these have the NaCl structure, the last, the CsCl structure. 
These bromides are chemically similar, and their differences 
must therefore be physical. The most obvious point of difference 
among them in each case is the variation in the size of the 
respective cations: 1 

1 Until recently, the building blocks in a crystal were pictured as more or 
less rigid spheres and the term “ionic radius” had a very real meaning. 



INTRODUCTION 


11 


Li+ Na+ K+ Rb+ Cs + 

0.68 0.98 1.33 1.48 1.67 A 

Now let us recall that a NaBr crystal is formed from fused 
NaBr, or a solution of NaBr, when the ions come comparatively 
close together and form an orderly array in space. Assuming 
that the ions are spherical, what single condition will most 
strongly influence the number of bromide ions which may sur¬ 
round and touch a single sodium ion? Obviously, it is the 
relative sizes of the two ions. If we let the bromide X and the 
sodium A ions be represented by balls 4 and 2 in., respectively, 
in diameter, we shall see that six bromide balls can approach and 
touch the sodium but that more than six cannot touch. In order 
to get more than six touching, we must either increase the size of 
A or decrease the size of X, i.e ., we must increase the ratio 
Ra’.Rx . It may be calculated geometrically that when the 
value of Ra.Rx is greater than 0.73, eight balls may surround and 
touch the inner one, while if Ra’Rx is less than 0.73, only six 
balls can surround the inner ball. This same procedure may be 
carried further and it will be found that as the central ball A 
becomes still smaller with respect to X, the number of balls X 
which can surround and touch A is reduced from six to four. 
This occurs when the ratio Ra’Rx goes below 0.41. If Ra’Rx is 
less than 0.22, only 3X can surround and touch A. These 
geometric relations are summarized in Table 1. It should be 
emphasized that these numerical limits have been derived 


But wave mechanics has changed our conception of an atom or ion. Cer¬ 
tainly it is no longer a sphere with a definite size and constant radius in the 
usual sense. Its size now depends upon the method used to investigate it 
and upon the environment in which it finds itself. We may still use the 
term “ionic (or atomic) radius” provided the circumstances of its determina¬ 
tion are defined. In a given crystal, the distance between the centers of 
neighboring atoms or ions is an unambiguous value, and the atomic or 
ionic crystal radii about which we shall speak are those which, when added 
together, should equal the interatomic or interionic distances in crystals. 

A table of ionic and atomic radii is given in the Appendix. To avoid 
confusion, it may be well to emphasize that in diagrams like those of Figs. 
3 and 4, no account is taken of relative Ionic sizes; only the positions of the 
centers of the ions are indicated. In Figs. 5 and 6, however, the relative 
ionic sizes are shown. 
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geometrically, entirely divorced from any chemical consideration, 
and apply to the packing of perfect spheres. 


Table 1.—The Arrangement of Spheres X about a Sphere A 


No. of X 

Arrangement of spheres A r 

Ra'.Rx 

2 

Opposite each other 

Up to 0.15 

3 

Corners of equilateral triangle 

0.15-0.22 

4 

Tetrahedral corners 

0.22-0.41 

6 

Octahedral corners 

0.41-0.73 

4 

Square corners 

0.41-0.73 

8 

Cube corners 

0.73 and above 


Let us calculate the Ra'.Rx ratio for the series of alkali bro¬ 
mides. The values are given in Table 2. 


Table 2.—R A : llx Values for the Alkali Bromides 



NaCl structure 

CsCl 

structure 

Compound. 

Li Br 

NaBr 

KBr 

Rb Br 

CsBr 

Radius of A. 

0.68 

0.98 

1.33 

1.48 

1.67 

Ra'.Rx . 

0.40 

0.50 

i 

0.08 

0.75 

0.84 


It is evident that we may have found the explanation of the 
difference in structure of these chemically similar substances. 
As A increases in size, the change in structure from one in 
which the cation A is surrounded by six bromide ions to one in 
which it is surrounded by eight bromide ions occurs at just 
about the point required for the packing of spheres. This 
suggests very strongly that the relative sizes of the two different 
ions which must be packed together will determine the type of 
arrangement of these ions in the crystal lattice. 

The number of nearest neighbors surrounding any atom or ion 
in a crystal is known as the coordination number (C.N.) of that 
atom or ion. It is helpful to classify the AX crystal types on 
the basis of their coordination numbers, as shown in Table 3. 
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Table 3.- 

C.N. 

1 

2 

3 

4 
6 
8 

* See Fig. 3. 


-Coordination Types for AX Crystals 
Type* 

Single molecules, molecular lattices 
Double molecules, molecular chains 
Boron nitride 
ZnS, ZnO 

NaCl, FeS (NiAs type) 

CsCl 


Having proposed the idea that the arrangement of atoms A 
and X in crystals is affected by their relative sizes, let us check 




Ti0 2 Rutile CaF 2 

Fig. 4.—Typical crystalline structures of compounds of the general type AX 2 . 
[From V. M. Goldschmidt, Trans. Faraday Soc., 25, 255(1929).] 

our theory for some typical compounds of the type AX 2 . Four 
common types of crystal lattice for AX 2 compounds are shown in 
Fig. 4. Again, the most important single characteristic of these 
lattices is the coordination number. For AX 2 compounds there 
will be two coordination numbers, for there are twice as many 
ions (or atoms) X as there are ions (or atoms) A . The classifica¬ 
tion of AX 2 lattices on the basis of coordination numbers is given 
in Table 4. 
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Table 4.— Coordination Types of AX 2 Crystals 


C.N. 

Type* 

2 and 1 

Single molecules. Molecular lattices. 

4 and 2 

Cristobalite, Si0 2 

6 and 3 

Rutile (Ti0 2 ). Cdl 2 , layer latticef 

8 and 4 

Fluorite, CaF 2 


* See Fig. 4. 
t See Fig. 5. 

In Table 5 are the R A : Rx values for a series of AX 2 compounds, 
the difluorides. The experimental determination of the crystal 
structures of all these has shown that they may be divided as 
indicated. Thus it is evident that the same relationship holds 
as that for AX compounds, viz., that the structure changes 
from one of C.N. 8 to one of C.N. 6 when R A \ Rx falls below 0.73. 


Table 5. —Structure of Difluorides as a Function of R a : Rx 



Rutile structure, C.N. G-3 

Fluorite structure, C.N. 8-4 

MgF 2 

NiF, 

CofJ 

ZnF 2 !MnF 2 

CdF 2 

CaF 2 

SrF 2 

PbF 2 

BaF 2 

R a :Rx 

0.78 

0.59 

0.78 

! 0.59 

0.82 

0.62 

~ r ■ ■ 

0.831 0.90 
j 0.63 0.68 

0.97 

0.73 

0.98 

0.73 

1.27 

0.95 

1.32 

1.00 

1.43 

1.08 


We shall state tentatively, then, what may be called for con¬ 
venience the radius ratio rule: The structure of an ionic crystal 
depends upon the relative sizes of its building stones. 

This idea was originally suggested by Barlow and by Sollas 
before 1900, and it is extremely interesting to read their papers 
in the light of our present knowledge. But there was no good 
way to determine ionic sizes in those days, and it remained for 
Goldschmidt and Pauling, utilizing recent values for the ionic 
radii, to put the rule on a sound, experimentally verified basis. 

THE INFLUENCE OF THE ELECTRON-PAIR BOND AND OF 
POLARIZATION 

Were we to proceed with the belief that the structures of all 
compounds are consistent with the radius ratio rule we should be 
quickly disillusioned, and this is not surprising It must be 
remembered that the radius ratio rule is based on the assumption 
that we are dealing with ions which are spherical and bound 
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together by ionic or electrostatic forces. For most ions this is 
not strictly true, and for a great many it is far from the truth. 
If a relatively small positive ion is brought near a large negative 
ion, there is a tendency for the more concentrated positive charge 
of the small ion to attract the diffuse negative charge of the 
larger ion, and the latter becomes distorted. The distorted ion 
is said to be polarized, the small positive ion is said to be strongly 
polarizing or to show a polarizing effect, and the whole phenom¬ 
enon is known as “ polarization.” Until very recently it has 
been convenient to “explain” certain facts of crystal chemistry 
on the basis of polarization. There is a growing conviction, 
however, that in most cases polarization or actual distortion of 
the ions, while it may always occur to some extent, is a minor 
factor and that the influence of a different kind of binding force— 
the electron-pair or covalent bond—must be reckoned with. 

The electron-pair bond was conceived by G. N. Lewis 1 as 
early as 1916 as the binding force between electronegative atoms, 
such as F 2 , arising when two such atoms complete their octets by 
sharing a pair of electrons. Not until the advent of the quantum 
mechanics was the electron-pair bond given a reasonable physical 
meaning. Then it was suggested that when two atoms come 
very close together, an additional attracting force becomes oper¬ 
ative. Each may contribute one electron to a shared pair, and 
both tend to jump back and forth between the two atomic nuclei 
giving rise to a “resonance” energy of considerable magnitude 
which constitutes a large part of the energy of the bond. To form 
an electron-pair bond, the electrons must satisfy certain require¬ 
ments. They must be spinning in opposite directions, and they 
must be unpaired in their own atoms. An unpaired electron 
is one for which there is no other that is identical in the first 
three quantum numbers and different only in direction of spin. 2 
The nature of the resonance energy is not unique but depends 
upon the electrostatic forces between the electrons. 

A clear conception of this so-called “resonance phenomenon” 
is of great value in understanding various manifestations of the 

1 Lewis, G. N., J. Am. Chem. Soc., 38, 762 (1916); Noyes, W. A., Chem. 
Rev., 17, 1 (1935), has written a very interesting review of the electronic 
theories of valence. 

2 For a further discussion of the nature of the covalent bond, see Chap. V, 
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electron-pair bond in solids. When the two electrons of a 

Cl 

pair bonding electronegative atoms, like Cl : Cl or Cl: C : Cl 

Cl 

exchange places simultaneously, a bond results which is as nearly 
covalent as can ever be realized. But, if the two electrons do 
not jump simultaneously—as, perhaps, in Ag : Cl—then for that 
part of the time when both electrons are on one atom, ions 
(either Ag+, Cl - or Ag~, Cl + ) and an ionic bond exist. The bond 
over a period of time, then, is neither covalent nor ionic, but a 
mixture of these two, and the properties of the compound w r ill 
show characteristics of both. Indeed, this conception of the 
coexistence of an ionic and a covalent binding between ions or 
atoms is one of the most interesting contributions of the quantum 
mechanics. It is convenient to represent this ionic-covalent 
bond thus, Ag : Cl, as compared with the pure covalent bond, 
Ag : Cl, and the ionic bond, Ag : Cl. 

It is" not surprising that those peculiarities of crystals not 
strictly ionic, peculiarities explained by picturing distorted or 
polarized ions, may be accounted for as satisfactorily and with 
greater justification by recognizing the influence of the covalent 
bond. Factors influencing the formation of the covalent bond 
will be considered in greater detail later; suffice it to say that 
those atoms with high ionization potentials (those which ionize 
with greatest difficulty) tend to form covalent rather than ionic 
bonds; while those electronegative atoms with the lower electron 
affinities (those showing least attraction for electrons) tend to 
form covalent bonds rather than ionic. Comparing the factors 
influencing polarization with those influencing bond type, one 
may observe 

1. For a series of ions with the same charge, the smaller the 
ionic radius, the greater the polarizing effect of the ion and the 
higher the ionization potential. Thus, of the alkali metals, 
Li+ has the greatest pofarizing effect and the greatest tendency 
to form a covalent bond. 

2. For two ions of the same size, one with 18 electrons in the 
outer shell exhibits a greater polarizing effect and has a higher 
ionization potential than an 8-shell ion, For example, Ca** 
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(0.98 A) and Cd ++ (0.99 A) have the same ionic radii, but Ca - ^ 
is an 8-shell ion while Cd ++ is an 18-shell ion. The Cd ++ is more 
strongly polarizing; it is also more apt to form a covalent bond. 

3. The larger the negative ion, the more easily may it be polar¬ 
ized and the lower is its electron affinity. Thus, of the halogens, 
the iodide ion is most easily polarized and most likely to form a 
covalent bond. 

From these generalizations it follows that, as a rule, the alkalies 
and alkaline earth ions do not polarize strongly and favor ionic 
bonds; and of the common anions, F” and 0“ are not strongly 
polarized and generally form ionic bonds. We shall find, there¬ 
fore, that compounds containing these ions are least apt to 
violate the radius ratio rule. For the other “ions,” the increasing 
influence of the covalent bond becomes very important because 
it accounts in the main for many of the exceptions to that rule. 
Polarization, too, doubtless exists in varying degrees between 
most atoms and ions, but in general its effect is secondary and will 
be so considered throughout our discussion. The radius ratio 
rule, then, applies strictly only to ionic crystals. 

Effect of the Covalent Bond and Polarization in AX Structures.— 
The distance between the nuclei of two atoms A and X, joined by 
a covalent bond, is generally less than the distance between the 
nuclei of the ions of the same elements. Thus when ions X 
of a definite size are packed around ions A , if the bond is partly 
covalent, it will tend to draw ions X abnormally close to it, and 
for that reason, there will not be room for so many ions X around 
A as there would be if they all stayed at their normal distances. 
There is, then, a decreasing distance between the ions which 
may, if the influence of the covalent bond is marked, actually 


Table 6.—Effect of the Covalent Pond on Interionio Distances 


Crystal 

Ra, a 

a 

Intorionic 
distance, A 

CaO 

0.98 

1.40 

2.40 

CdO 

0.99 

1.40 

2.35 

CaS 

0.98 

1.84 

2.84 

CdS 

0.99 

1.84 

2.51 
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produce a decrease in coordination number. These effects are 
illustrated in Tables 6 and 7. 

The normal radii of Ca +_f ' and Cd ++ are about the same. In the 
two oxides the interionic distances are about the same, although 
there is a slight but real decrease in CdO; the bonds are essen¬ 
tially ionic in both. The sulfide ion, being much larger, favors, 
with Cd++, the covalent bond, and there is a marked decrease 
in the interionic distance. In this case a change in structure 
is also produced as shown in Table 7. In this table are compared 
the structure types for the oxides, sulfides, selenides, and tellu- 
rides of calcium and cadmium. It is evident that the Ra'Rx 
ratio alone does not explain the facts, since the values are iden¬ 
tical but the structures differ. Furthermore, since the values are 
all above 0.41, the compounds should all be expected to have the 
NaCl structure. But, unlike the ionic bond, the covalent bond 
has definite directional properties and, in the case of cadmium 
and most other 18-shell cations, the four bonds are directed to the 
corners of a tetrahedron, thus favoring the ZnS structure (see 
Fig. 3). 


Table 7.—The Effect of the Covalent Bond on the Structure of 

AX Compounds 



0- 

s- 

Se~ 

Te“ 


Ca++ 

NaCl 

NaCl 

NaCl 

NaCl 

Lattice type 


0.70 

0.53 

0.50 

0.45 

Ra • Rx 

Cd ++ 

NaCl 

ZnS 

ZnS 

ZnS 

Lattice type 

: 

! 

0.70 

0.53 

0.50 

0.45 

Ra : Rx 


Because most atoms are not apt to tolerate more than eight 
electrons in the outer shell, and hence only four electron-pair 
bonds, the covalent bond appears to be conducive to crystalliza¬ 
tion in arrangements (like ZnS) characterized by a coordination 
number of four or less. It follows, then, that when the coordina¬ 
tion number in a crystal increases to six (as in the NaCl struc¬ 
ture) or more, the bonds are usually ionic. This relation of bond 
type to coordination number holds in a large majority of cases 
but is not without exception. There are a few crystals with the 
NaCl structure in which the bonds are probably largely covalent, 
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and there are some crystals with C.N. 4 in which the bonds are 
essentially ionic. 1 

Since in a crystal with covalent bonds there is no transfer of 
electrons, the building units must be pictured as atoms rather 
than ions. Interesting data which tend to support the conclusion 
that we are dealing with atoms held by covalent bonds rather than 
with ions held by ionic bonds are shown in Table 8. 


Table 8. —A Comparison of Ionic and Homopolar Crystals of AX 

Compounds 


Compound 

Atomic 

A-X distance 

Ionic radii | 

A-X distance 

numbers 

experimental 

A 

X 

sum of radii 


ZnS Type 


Agl 

47-53 

2.811 

0.93 

2.09 

3.02 

CdTe 

48-52 

2.799 

0.92 

2.00 

2.92 

InSb 

49-51 

2.793 

0.87 

2.32 

3.19 

SnSn 

50-50 

2.790 

0.67 

2.77 

3.44 

CuBr 

29-35 

2.460 

0.91 

1.85 

2.76 

ZnSe 

30-34 

2.452 

0.78 

1.80 

2.58 

GaAs 

31-33 

2.435 




GeGe ] 

32-32 

2.430 

0.50 

2.56 

3.06 


NaCl Type 


NaCl 

11-17 

2.814 

0.98 

1.81 

2.79 

MgS 

12-16 

2.595 

0.78 

1.84 

2.62 

NaBr 

! 11-35 

2.981 

0.98 

1.95 

2.93 

MgSe 

| 12-34 

2.720 

0.78 

1.91 

2.69 


The ZnS structure is very common for compounds of AX in 
which element A stands as many units of atomic number ahead 
of a fourth group element as element stands behind the same 
fourth group element. Such a series is shown in this table. 
The sum of the ionic radii are compared with the A-X distances 
determined experimentally. The ionic radii given are 5 per cent 
less than the values in the Appendix, since the latter are for 
C.N. 6 (see Table 18, page 49). 

1 For further details, see Chap. V. 
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The data of Table 8 are suggestive for two reasons. First, 
it is evident that if one assumes the building stones to be ions, 
the sums of the ionic radii which should give the distances 
between A and X do not agree satisfactorily with these distances 
determined experimentally in the crystals of the ZnS type. This 
in itself suggests that these crystals are not ionic, particularly 
as there is good agreement between calculated and observed 
values in the NaCl type crystals which are known to be ionic. 
The most interesting feature of the structures of the ZnS type 
is that the interatomic distances for each entire series remain 
practically constant, while in the similar series with the NaCl 
structure, the distance between ions decreases with increasing 
valence; which is to be expected since the forces drawing the 
ions together are greater. 

It seems that for the ZnS structure, however, the dimensions are 
determined by the total number of electrons present, and it does 
not matter how these electrons are distributed between the atoms; 
the two atoms share the electrons in common. These crystals 
represent an intermediate type between the ionic and the covalent 
bond but with the covalent bond usually predominating. Fur¬ 
ther interesting properties of atomic crystals are to be considered 
later. 

Values for atomic radii to be used in crystals of this sort are 
given in the Appendix. 

In the discussion of the last few paragraphs a conception of 
fundamental importance has been implied and must be clearly 
stated at this point. "The radius ratio is not always the most 
important factor in determining crystal structure. The type of 
bond is probably of greater importance. Certain atoms favor 
the formation of covalent bonds, and the crystal structure is 
influenced particularly by this bond type. When the ionic bond 
is favored, however, then relative ionic sizes become of great 
importance in determining which of several possible ionic crystal 
structures will be formed. Inasmuch as we are chiefly interested 
in ionic crystals in this elementary discussion, the matter of 
ionic sizes has been emphasized. 

Effect of the Covalent Bond and Polarization on AX 2 Structures. 
A partial departure from the ionic bond has a somewhat different 
effect on AX 2 lattices although it is a result of the same influences. 
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A single illustration must suffice. Cadmium fluoride has the 
structure of fluorite (see Fig. 4). We should expect cadmium 
hydroxide to have the same structure, since the hydroxyl ion of 
radius 1.35 A has been substituted for the fluoride ion of radius 
1.33 A. It happens that hydroxyl, being an unsymmetrical 
group, may be very easily polarized, and the structure of Cd(OH) 2 
is not that of fluorite but is a very different type, the Cdl 2 
structure, shown in Fig. 5. Examination of this structure 
shows that while any ion of cadmium is surrounded symmetrically 


Fig. 5.—The cadmium iodide structure, showing the packing of ions. A layer 
lattice. ( Reproduced, by permission , from the Encyclopaedia Britannica.) 



by six iodide ions, any iodide ion has contact with three ions of 
cadmium on one side. Thus the substitution of the easily 
polarized hydroxyl ion for F“ affects not only the ionic distances 
and the symmetry, but also produces a structure with lower 
coordination numbers, just as it may do with AX compounds. 
Sometimes the coordination number is not affected. For 
example, the radius ratio for Cdl 2 is 0.44. One would predict a 
structure characterized by C.N.6 and 3; and this is confirmed 
by the experimental results. In this case the influences of 
polarization and covalent bonding have reduced the distances 
between ions and changed their arrangement. 
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Well-defined layers are produced in the cadmium iodide 
crystals, and it is known as a “layer lattice,” a typical lattice for 
AX2 compounds which contain easily polarized anions, and in 
which the tendency to form a covalent bond is strong. We may 
look upon each layer as a giant molecule, the atoms of which are 
held together by an intermediate type of bond which may* be 
predominantly homopolar. Crystals of this sort cleave very 
easily between layers, evidence that the layers are held together 
by forces weaker than those within a layer. Many hydroxides, 
such as Ni(OH) 2 , Mn(OH) 2 , Fe(OH) 2 , and Co(OH) 2 which form 
flaky gelatinous precipitates have this structure. 

The Covalent Bond in Radicals.—It is interesting to consider 
the nature of radicals (e.gf., S0 4 = , N0 3 “, P0 4 “ 3 , etc.) in the light 
of the foregoing discussion. Three conditions are to be noted: 
(1) The central atom in these radicals has a very high ionization 
potential and is relatively small. It is therefore difficult to 
ionize. (2) Combining elements in the center or on the right 
of the periodic table tend to form electron-pair bonds, and the 
closer they are, the greater is this tendency. (3) The resonance 
energies of the electron-pair bond for the small elements to the 
right of the center of the first row are high. Thus, it is reasonable 
to picture the intraradical bond as an essentially covalent bond 
which may, however, have an ionic term, generally of secondary 
importance. 

Because of the relatively strong bonds holding its elements 
together, a radical is a stable group, able to act as a unit in 
chemical reactions. 

THE STRUCTURES OF TERNARY IONIC COMPOUNDS AS TYPES 

ABX 3 , AiBXi, ETC. 

Strong radicals preserve their identity in crystals. Thus, 
in the calcite form of calcium carbonate, shown in Fig. 6, we do 
not find ions of calcium, carbon, and oxygen placed more or less 
equivalently through the lattice. Tfie lattice positions are 
occupied by Ca++ and CO3”. The CaC0 3 lattice is not very 
different from that of NaCl or CaO. If we were to stand the 
CaO lattice on one corner and then push down on it, it would 
flatten out somewhat (become rhombohedral) to make room for 
the disk-shaped CO3" which are to be substituted for the spherical 
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0*, and we should then have the calcite lattice. It is a typical 
ionic lattice, differing only from the NaCl type in that one of the 
ions is a radical. 

One would like to apply the radius ratio rule to the prediction 
of coordination numbers in radicals, but it is difficult to know 
the best numerical values to use for the radii. In the CO 3 * 
group, for example, the C-0 distance is much less than the 
sum of ionic radii, and it is known that carbon and oxygen are 
not present as ions. The use of atomic radii is of no help, for 
on this basis R c -Ro = 0.77/0.60 > 1 . 0 , and it would be geo¬ 
metrically possible for eight or more oxygens to surround each 
carbon. The number of electron-pair bonds which any atom 



may form is limited by the maximum allowable number of elec¬ 
trons in the outer shell. For the radical-forming elements of the 
first short period (B, C, N, O), this is eight, and the coordination 
number of these atoms, therefore, cannot exceed four. But in 
considering the packing of oxygens about a small central atom 
like carbon, it must not be forgotten that the “effective radius,” 
the extension in space of each oxygen in the direction in which it 
is not bonded to the central carbon, is considerably greater than 
half the internuclear C-0 distance. There is a mutual repulsion 
of the oxygen atoms which must not be overlooked and which 
may reduce the stability of the radical. This mutual repulsion, 
then, may limit the number of oxygens which can be linked to 
the central atom and perhaps accounts for the existence of the 
CO3” radical rather than a C0 4 group. 
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A bothersome subject in elementary chemistry, so confusing 
that it is usually passed over hastily, is the question of the ortho 
and meta salts of the same acid-forming element. Thus, we 
speak of sodium orthophosphate, Na 3 P0 4 , and sodium meta¬ 
phosphate, NaP0 3 , both well known. Why then do we have 
only one nitrate, NaN0 3 , and no sodium orthonitrate Na 3 N0 4 ? 
One reasonable answer has been suggested. In packing oxygens 
around a small nitrogen central atom, their mutual repulsion is so 
large that more than three are unstable. But phosphorus is 
larger and four surrounding oxygens need not approach each 
other so closely. Therefore, a stable P0 4 ~ 3 group is likely. 

To carry the picture one step farther, thioarsenates, Na 3 AsS 4 , 
are well known, although not particularly stable, but thio- 
phosphates are unknown. Now, the sulfur atom is larger than 
oxygen, and this probably explains why phosphorus cannot 
coordinate four sulfurs; but when the size of the central atom 
increases to that of arsenic, four sulfurs can be held, to form a 
stable group. 


COMPLEX COMPOUNDS 

Water, ammonia, and other molecules with permanent dipoles 
may be attracted and distorted by the strong electric field of an 
ion forming hydrates and ammoniates, complexes of the Werner 
type. Such a bond has been termed the “ion-dipole bond.” 
Because of their stronger field, the 18-shell ions are more apt to 
form stable complexes, the bonds being partly covalent. The 
complex ion acts as a unit in a crystal just as do the radicals we 
have been discussing. For example, NiCl 2 .6NH 3 or Ni(NH 3 )eCl 2 , 
is isomorphous with CaF 2 . The Ni(NH 3 )e ++ groups occupy 
positions in the lattice corresponding with those occupied 
by the Ca 4 * 4 " in CaF 2 . Prussian Blue, FeFe(CN) 6 , probably the 
first complex compound with which the student of chemistry 
becomes familiar, has the NaCl structure. The lattice positions 
a^e filled by Fe cations and Fe(CN) 6 anions. 1 In a later chapter 
we shall consider the structure and properties of these complex 
crystals. 

1 Krggin, J. F., and F. D. Miles, Nature, 137 , 577 (1936). 
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THE FIRST LAW OF CRYSTAL CHEMISTRY 

Having considered the typical effects of polarization on crystal 
structure, let us modify the radius ratio rule, which was adopted 
only tentatively, and state what may be called the “ first law of 
crystal chemistry”: The structure of a crystal is determined by 
the relative numbers, the relative sizes and the polarization 
properties of its building stones, and by the type of bonds holding 
them together. The building stones may be atoms, ions, or 
radicals. 

The following effects of polarization and the covalent bond on 
structure have been observed: For AX compounds, the interionic 
distances are reduced and the crystal structure may be changed 
to one of lower coordination number. For AXt compounds, the 
interionic distances are reduced, the structure may be changed to 
one of lower coordination number, and a layer lattice is usually 
formed. The covalent bond is involved in the formation of 
radicals, both the familiar acid radicals and the radicals of the 
complex Werner compounds. 

THE PROPERTIES OF IONIC AND ATOMIC (HOMOPOLAR) 

CRYSTALS 

We have seen how the arrangement of the building stones in 
crystals and the kinds of forces holding them together may be 
influenced. To the practical minded, crystal chemistry would 
appear much more useful if it revealed some relationship between 
the structure of crystals and their physical and chemical prop¬ 
erties. Crystal chemistry does have a valuable contribution 
to make in this direction, and it is possible to formulate generali¬ 
zations which minimize the necessity for memorizing the proper¬ 
ties of solids and which permit the prediction of these properties. 

Physical Properties. Isomorphism ,.—It is to be expected 
that chemically similar substances such as BaCC> 3 , SrC03, and 
CaCOs should have the same crystal structure; but for 150 years 
crystallographers have wondered about the numerous substances, 
very different chemically ( e.g ., KNO3 and CaCC> 3 , or BaS0 4 and 
KMn0 4 ) which also show similar crystal form. Substances 
which crystallize in similar forms are said to be isomorphous. 
From the first law it may be seen that if two compounds are to 
form similar crystals, they must have (1) the same type formulas; 
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(2) building stones, not necessarily 6f the same size, but at least 
of the same relative sizes; and (3) atoms or ions with somewhat 
the same polarization properties and joined by the same kinds of 
bonds. It therefore becomes evident why two substances as 
different as BaS 04 and KMn 04 should be isomorphous. There 
are the same relative numbers of atoms in each formula (note 
that the valences need not be the same). The radii of the “ ions ’ 9 
are as follows: 


Ba+ f 1.43, S 4 * 6 0.34, 0“ 1.40 

K++ 1.33, Mn +7 0.3 , 0“ 1.40 

The natures of corresponding bonds are the same in both; thus 
Ba-0 and K-0 bonds are essentially ionic, while S-0 and Mn-0 
are covalent. 

There are also many chemically similar compounds which are 
not isomorphous, and these have been difficult to explain. For 
example, many calcium and magnesium salts are not isomorphous, 
although very similar in chemical behavior. When it is noted, 
however, that the radius of Ca++ is 0.98, while that of Mg++ is 
0.78, it seems quite natural that the substitution of one for the 
other without producing a change in structure is improbable. 

In the case of the binary compounds, rather definite radius 
ratio limits have been established which, considered together with 
the influences of polarization and bond type, permit the predic¬ 
tion of crystal structure with reasonable accuracy. When we 
come to consider the problem of isomorphism among more com¬ 
plex compounds, however, the question arises as to just how 
much variation in ionic sizes can be tolerated before a change 
in structure is to be expected. To this query no definite answer 
can be given. Usually, if the ionic sizes differ by less than 10 to 
15 per cent, it may be predicted with reasonable certainty that 
the compounds in question are isomorphous, providing the other 
known requirements are satisfied. For variations greater than 
this, preditions can be made only on a comparative basis. Con¬ 
sidering the series MgCOa, SrCOa, and BaCOa, for example, it can 
be said that SrCOa (Sr 4 " 1 ", 1.27 A) is more likely to be isomorphous 
with MgCOa (Mg**, 0.78 A) than is BaC0 3 (Ba++, 1.43 A), 
but it could not be predicted with certainty that either one is 
necessarily isomorphous with MgCO$. 
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Polymorphism. —When the same compound may form two or 
more different type crystals, it is said to be polymorphic. We 
have seen that crystals may be changed from one form to another 
by changing the size of the building stones which make up the 
crystal. There are certain critical values of the ratios of these 
sizes at which the crystal form tends to change. In general, the 
polymorphic substances are those in which the R A :R X values are 
near one of these critical values. It is then possible for condi¬ 
tions other than ionic sizes ( e.g temperature or pressure) to 
affect the crystallization. Thus RbCl ( Ra'.Rx — 0.82) crystal¬ 
lizes like NaCl at ordinary pressures but like CsCl at high pres¬ 
sures. Consider also the two series of salts in Table 9. Only 
KNOa and CaC 03 are polymorphic. The sizes of the ions in all 
the others give R a : Rx ratios too far from the critical value to per¬ 
mit any alteration to be brought about by secondary influences. 


Table 9.—Polymorphism 


LiNO a 

NaN0 3 

KN0 3 

MgCOa 

CaC0 3 

Calcite type 

KNO3 

CaC0 3 

Aragonite type 


Sr CO 3 



BaC0 3 



The Strength of Ionic Crystals. —The size of the building stones 
and the nature of the bonds determine the structure of a crystal. 
The amount of electrical force holding the ions together deter¬ 
mines its strength, as measured by hardness, melting point, 
solubility, heat of hydration, and many other properties. 

The magnitude of the electrostatic force between ions is deter¬ 
mined by the valence of the ions and the distance between them 
in the crystal lattice; the farther apart the particles lie, the 
weaker is the force attracting them toward each other. Table 10 
illustrates the effect of interionic distance upon the strength of 
ionic crystals. The hardness is compared with this distance for 
the oxides, sulfides, selonides, and tellurides of magnesium and 
the alkaline earths, and the melting points of the oxides are also 
shown. It is evident that as the distance between the building 
stones increases, the crystals become weaker. 
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Table 10.—The Influence of Interionic Distances on the Strength 
of Ionic Crystals* 



Mg +4 

Ca ++ 

Sr++ 

Ba^ 


0 ”- 

2.10 

2.40 

2.57 

2.77 

Distance, A 


6.5 

4.5 

3.5 

3.3 

Hardness, Moh’s 


2800 

2570 

2430 

1933 

Melting point, °C. 

s- 

2.59 

2.84 

3.00 

3.18 

Distance, A 


4.5-5.0 

4.0 

3.3 

3.0 

Hardness, Moll’s 

Se- 

2.74 

2.96 

3.12 

3.31 

Distance, A 


3.5 

3.2 

2.9 

2.7 

Hardness, Moh’s 

Te“ 


3.17 

2.9 

3.32 

2.8 

3.49 

2.6 

Distance, A 
Hardness, Moh’s 


* Distances and hardness from V. M. Goldschmidt, Trans . Faraday Soc ., SO, 253 (1929). 


When the interionic distances remain constant but the valences 
increase, thereby increasing the forces holding the building stones 
together, the strength of the crystals increases, as may be seen 
from the comparison of hardness, melting point, solubility, and 
compressibility of the series of compounds shown in Table 11. 


Table 11.—The Influence of the Size of the Electrostatic Charge 
on the Strength of an Ionic Crystal 



NaF 

MgO 

ScN* 

TiC* 

Distance, A. 

2.31 

2.10 

2 23 

2.23 

Hardness, Moh’s. 

3.2 

6.5 

7-8 

8-9 

Melting point, °C. 

992 

2800 


3180 

Solubility, g./lOO ce. cold. 

4 0 

0.00062 

Insol. 

Insol. 

Compressibility. 

High 



Low 


* Theae'two are probably not ionic crystals, although they have the NaCl structure. 


The Strength of Atomic Crystals .—Diamond is an atomic crystal, 
one in which the carbon atoms are held together by shared elec¬ 
tron pairs. It is one of the strongest substances known, as 
measured by hardness (10 on Moh’s scale), refractivity, melting 
point, and other properties. Silica is another typical atomic 
crystal, and its strength is well known. 
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Those crystals, however, in which the bond is part ionic and 
part covalent seem to be characteristically weak. Consider the 
group of compounds compared in Table 12. Both the magnitude 
of the electrostatic charges and the distance between ions remain 
the same but the coordination number changes. 


Table 12.— The Influence of an Intermediate Bond Type on the 
Strength of AX Crystals 



Agl 

NaCl ' 

Cul 

LiCl 

ZnS 

CaO 

C.N. 

4 

6 

4 

6 

4 

6 

A-X distance. 

1 2.81 

2.81 

2.62 

2.57 

2.35 

2.40 

Hardness, Moh’s. 

| 1.5 

2.5 

2.4 

3.0 

4.0 

4.5 

Melting point, °C. 

1 526 

I 

805 



1049 

2570 


The weakness of the ZnS structure may be associated with a 
loosening of the bond. Other interesting properties character¬ 
istic of this loosened bond are discussed in Chap. VI. 

Acids and Bases .—Recalling the nature of radicals already 
described, we may make an interesting and useful generalization 
in regard to one criterion for acid-forming and base-forming ele¬ 
ments. Those elements whose ions are large, say with radii 
greater than about 0.70 A, and whose ionization potentials are 
therefore low tend to play the role of cations; they are basic in 
character. The small ions, with radius less than 0.55 A will, 
as we have seen, tend to form covalent bonds with the negative 
ions, building acid radicals. It is evident, then, why an element 
gets less metallic and more acidic as its valence increases. The 
decrease in size and increase in charge as the valence of a potential 
ion of a given element increases are accompanied by an increase in 
ionization potential, favoring the formation of a covalent bond 
with the electronegative element present. Thus, while the 
Cr +3 is formed rather easily and may therefore act as cation in 
Cr 2 (S0 4 )3, the potential required to form the Cr +6 is almost 
prohibitive. In the higher valence therefore, chromium forms 
electron-pair bonds and the stable Cr0 4 “ group. Of course, it is 
now obvious that those ions which are intermediate in size are 
the amphoteric ions, their behavior as acid or basic ions being 
determined largely by +be size and charge of the ions with which 
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they must compete.' For example, when A1+ 3 (0.57 A) and S+ 6 
compete for oxide ions, the S +6 having the higher ionization 
potential will form an acid radical. But if Al +3 competes with 
Na + , the former may attract the oxygens, and sodium aluminate 
is formed. The Al-0 bond in the aluminate is doubtless more 
ionic than the S-0 bond in sulfate, and the aluminate radical is 
not particularly stable. 

MOLECULAR CRYSTALS 

A few inorganic substances form crystals in which the molecule 
retains its identity as a building unit. Carbon dioxide (Fig. 4) is 



Fig. 7. —The S11I4 unit cube, shown in two parts. The iodine atoms (black 
dots) are arranged tetrahedrally around tin atoms (ringed dots). This is a 
molecular structure. ( Reproduced from Wyckoff , “The Structure of Crystal* 
by permission of the Reinhold Publishing Corporation , New York.) 


an example of a molecular crystal. Snl 4 (Fig. 7) is another very 
common one. 

Most organic substances form molecular crystals. Sugar, 
for example, forms as beautiful, transparent crystals as does 
sodium chloride, but the building stones are molecules of sucrose. 
This means that large organic molecules form crystals with very 
large unit cells. The molecules are, of course, neutral, and the 
carbon atoms being effectively screened by negative atoms, only 
weak molecular or van der Waals’ forces are available to hold 
the building stones together in the crystal. 

SUMMARY 

The important features of this introduction to crystal chem¬ 
istry are: 
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1. The structure of a crystal is determined by the relative num¬ 
bers, the relative sizes and the polarization properties of its build¬ 
ing stones, and by the nature of the bonds between them. The 
building stones may be atoms, ions, radicals, or molecules. 

2. Ionic crystals are built of ions, either elements or radicals, 
held together by forces essentially ionic; while the forces within 
ion radicals are more nearly covalent. Homopolar or covalent 
crystals are built of atoms, held by electron-pair or covalent 
bonds. Binary crystals with C.N. 8 and 6 are generally ionic; 
those with C.N. 4 are apt to be homopolar or intermediate in 
type, the bond being predominantly covalent. 

In complex compounds neutral molecules may be coordinated 
to a positive or negative group by ion-dipole or by covalent bonds. 

Molecular crystals are built of neutral molecules and the 
bonds are weak van der Waals’ forces. 

3. The strength of crystals, as evidenced by melting points, 
hardness, solubility, and other properties depends upon the 
magnitude of the forces within them. Molecular crystals are 
weak as compared with ionic and homopolar crystals. 

The attempt has been made, not to present a complete picture 
of crystal chemistry, but rather to offer a few suggestive sketches 
of what may be expected as we move forward. The discussion 
has been limited to the broad concepts which govern the structure 
and properties of those types of compounds with which we are 
most familiar. In subsequent chapters these same concepts will 
be applied to a discussion of the structure and properties of 
metals and alloys and the metallic state, without which even an 
elementary treatment of the subject is incomplete, and to the 
less familiar and more complex compounds. 

Admittedly, we have, until now, presented the generalizations 
of crystal chemistry in ideal surroundings and have used hand¬ 
picked data to illustrate them. One who hopes to find them 
applicable in every case will be somewhat disappointed. We 
shall find data which appear to be inconsistent with the general 
concepts. We shall discover, however, that when additional 
influences are taken into account, influences which limit or modify 
these general ideas, many of these data are entirely logical. On 
the whole, we shall find that apparent inconsistencies which 
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cannot, as yet, be reconciled with our principles, are submerged 
by an overwhelming majority of data which are in accord with 
these principles. 

In brief, the aim in the construction of this first outline has been 
to lay a foundation which shows signs of permanence. As we 
proceed from this point we shall not hesitate to add detail con¬ 
cerning which there may be considerable disagreement at the 
present time and which may have to be altered as new facts come 
to light. Regardless of the detailed character of the superstruc¬ 
ture, we may build with every reasonable assurance that the 
broad foundation upon which it is built will not give way 
beneath it. 



CHAPTER II 


THE SIZES OF ATOMS AND IONS 

Since it is already evident that the approach to the arrange¬ 
ment of atoms or ions in solids depends in large measure upon 
their relative sizes, it is only proper that before proceeding farther 
the various methods for determining atomic and ionic radii be 
considered. It is well to know the degree of accuracy of the data 
upon which so much depends. 

Until recently the building blocks in crystals were pictured 
as more or less rigid spheres or billiard balls, and the terms 
“ionic radius” and “atomic radius” had very real meanings. 
But wave mechanics has changed the general conception of an 
atom or ion. Certainly it is no longer a sphere with a definite 
and constant radius in the usual sense. Its size now depends 
upon the method used to investigate it and upon the environment in 
which it finds itself. The factors which influence the size of an ion 
or atom will be discussed in the following pages. It is still permis¬ 
sible to use the term “ionic or atomic radius,” provided the cir¬ 
cumstances of its determination are defined. In a given crystal, 
the distance between the centers of neighboring atoms or ions is 
an unambiguous value from which the radii of the atoms or ions 
may be derived. That is, the radii are those values which, when 
added together, should equal the interatomic or interionic dis¬ 
tances in crystals. Thus, the distance Na-Cl (2.814) in the 
sodium chloride crystal should be the sum of the radii of Na + 
(0.98) and Cl" (1 + 81). 

Sollas was one of the first to realize the importance of the size 
of the units in crystal building. “In the study of molecular 
volumes we hold the key which is destined to unlock the secret of 
crystal structure so long concealed.” 1 His picture of a crystal 
was essentially the same as the view held today. He conceived 
of a sodium chloride crystal as being made from spheres packed 

1 Sollas, W. J., Proc. Roy. Soc. (London), 26, 286 (1899). 
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in a cubic structure and touching each other. To him, however, 
the building units were sodium chloride molecules. He pointed 
out that if the molecules were to be close packed in a cubic 
arrangement, they must lie alternately end to end, as in Fig. 8. 
That is, he realized that the sodium and chloride ions must be of 
different sizes. The radii of the atoms were determined by 
applying Kopp’s ideas concerning molecular volumes. Further¬ 
more, Sollas observed that “it is quite certain that . . . the 
volume of sodium and other alkali metals is very different in 

the free state and in combination.” 1 

Some of the radii Sollas determined 
are shown in Table 14. In view of 
the fact that his work preceded by 
fifteen years the first experimental con¬ 
firmation of his picture of a crystal as 
built of touching spheres, the relation¬ 
ships between atomic volumes and 
structure which he worked out are 
truly remarkable. He suggested, for 
example, that there “does not seem to 
be any sound reason why the volume 
of an element should remain absolutely 
constant and independent of an element with which it is 
associated.” Twenty-five years later, after a host of investi¬ 
gators had been publishing ionic radii, it was still necessary for 
Wyckoff to amass a convincing array of crystallographic data to 
drive home this very point. 2 

In 1920 came a veritable avalanche of reports on the sizes of 
atoms and ions. W. L. Bragg, 3 regarding a crystal as an assem¬ 
blage of tightly packed spheres, calculated the radii of these 
spheres by an empirical treatment of X-ray diffraction data. 
His method has been generally adopted since then and may be 
profitably considered in some detail. 

For example, if the interionic distances for the alkali halides are 
tabulated as in Table 13, it is seen that the replacement of 
fluoride by chloride always increases the interatomic distance by 

1 Ibid ., p. 274. 

* Wyckoff, R. W. G., Proc. Natl. Acad. Sci., 9, 33 (1923). 

* Bragg, W. L., Phil. Mag., 40, 169 (1920). 



Fig. 8. —The „ packing of 
NaCl molecules in a NaCl 
crystal, as visualized by 
Sollas in 1898. 
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approximately 0.50 A, indicating, of course, that the radius of the 
chloride ion is about 0.50 A greater than the radius of the fluoride 
ion. Likewise bromide is about 0.15 A greater than chloride and 


Table 13.— Interionic Distances in the Crystalline Alkali Halides* 


Halides 

Li A 

Na A 

K A 

Rb A 

Cs 

F 

2.01 0.30 

2.31 0.35 

2.66 0.16 

2.82 0.19 

3.01 

A 

0.56 

0.50 

0.48 

0.45 

0.56 

Cl 

2.57 0.24 

2.81 0.33 

3.14 0.13 

3.27 0.30 

3.57 

A 

0.18 

0.16 

0.15 

0.15 

0.14 

Br 

2.75 0.22 

2.97 0.32 

3.29 0.13 

3.42 0.29 

3.71 

A 

0.27 

0.26 

0.24 

0.24 

0.24 

I 

3.02 0.21 

3.23 0.31 

3.53 0.13 

3.66 0.29 

3.95 


* The table is from V. M. Goldschmidt, Skrifter Norske Videnskapa-Akad. Oslo, no. 2, p. 16, 
1926. Bragg used the same sort of table, but the interatomic distances in the lithium and 
cesium halides had not all been determined at that time. 


iodide about 0.25 A greater than bromide. In a similar manner 
the relative radii of all the alkali ions may be estimated. To 
get the absolute values for the radii of all the halogen and alkali 
ions, therefore, it is only necessary to know the absolute value of 
any one of them and the others may be determined from the 
relative values as deduced from the comparison. 

Obviously, this substitutional method used in a series of 
crystals of known structure permits the calculation of the entire 
list of atomic radii, but the correctness of the values depends 
entirely upon, (1) the accuracy of the original absolute value 
which is chosen as a starting point, and (2) the constancy of the 
ionic radius of each element throughout the series of substitutions. 
Unfortunately the absolute value chosen by Bragg as the starting 
point was later shown to be in error, and the possibility of appreci¬ 
able variations in ionic radii was not recognized. Although this 
first attempt did not lead to correct values for the ionic radii, 
the method of comparison was a very important contribution. 
The actual values obtained were easily corrected when a suitable 
starting point was found, as will be shown later. 

Meanwhile, in 1920, several methods were employed in the 
attempt to determine the absolute radii of the alkalies and halo¬ 
gens. Lorenz 1 has summarized these and discussed them criti- 

1 Lorenz, Richard, Z. Physik , 6, 271 (1921). 
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cally. At about this time, Lande 1 obtained the absolute radius 
of an ion for a starting point by a rather ingenious method. He 
reasoned that there must be so large a difference in diameter 
between the Li + and 1“ that when the two are packed in the 
NaCl structure, as they are in Lil, the I~ will touch each other 
and the comparatively small Li + will rattle around in the inter¬ 
stices. The face diagonal of the unit cell, then, will equal twice 
the diameter of an iodide ion, and the radius of the iodide ion 
was found by Lande to be 2.05 A. From this, by the compara¬ 
tive method of Table 13, he was able to determine the radii 
of all the alkali and halogen ions, except lithium. Comparisons 
given in Table 14 make it plain that Lande’s radii came closer to 
the values accepted today than most of the others determined at 
that time. 

In this country the question of ionic radii was attacked by 
Davey 2 and by Wyckoff. 3 The latter, using Bragg’s empirical 
method of comparing radii showed conclusively that atoms do not 
have constant radii in all types of crystals, although, within a 
given crystal type, the radii do remain essentially constant. 

As a matter of historical interest a few of the radii calculated 
by these earlier investigators are compared in Table 14 with the 
most recent values available. 


Table 14.— Some Ionic Radii of Historical Interest 


Li+ 

Na + 

K 

4- 

Rb 4 

Cs 4 

. ... ... 

F 

- 

C 

1- 

Hr" 

I 

- 

Observer 

0 

94 

1 

14 

1 

42 







i 

25 

1 

40 

1 

60 

Soil,-is 1898 

0 

87 

0 

97 

i 

20 

1 

31 

1 

.48 









Heydweiller* 



0 

57 

0 

79 

0 

91 





. 

. 

. 




Fa j a ns and Herz- 











; 


i 






fold t 



1 

10 

1. 

45 

1 

65 

1 

.60 

; 1 

20 

' 1 

65 

1 

80 

; 2 

05 

Landef 



1 

77 

2. 

07 





i 0 

67 

1 

05 





1 Bragg 



1 

.25 

1. 

56 

i 

.73; 

i 

.98 

I 1 

13 

1 

56 

1 

.73 

l 

.98 

Davey 











j 0 

62 

1 

081 

1 

.24! 

l 

.50 

Wyckoff 

0. 

68 

0 

.98 

1. 

33 

i 

.48 

i 

.67 

1 

33 

1 

i 

81 

1 

.96 

2 

.19 

Zachariascn 1931 


* Heydweiller, A., Z. Physik , 1, 393 (1920). 
t Fajans, K., and K. F. Herzfeld, Z. Physik, 2, 322 (1920). 
t Lande, A. f Z. Phyaik, 1, 194 (1920). 

1 Lande, A., Z. Physik , 1, 191 (1920). 

1 Davey, W. P., Phys. Rev., 17, 402 (1921); 18, 102 (1921). 
» Wyckoff, R. W. G„ Ptoc. Nall. Acad. Set., 9, 33 (1923). 
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It is no wonder that systematic crystal chemistry could make so 
little real progress when the factor upon which it depends so 
strongly—the size of the building stones—remained in such 
uncertainty. 

Recent Methods for the Estimation of the Most Reliable Ionic 
and Atomic Radii. —In 1922 Wasastjerna 1 calculated a number of 
ionic radii from their molecular refraction on the basis of the 
Lorenz-Lorentz relation and obtained values which have since 
been shown independently to be correct. 

Then Goldschmidt 2 using the absolute values determined by 
Wasastjerna for fluoride and oxide ions (F~ = 1.33, 0~ = 1.32) 
worked out a most complete set of ionic and atomic radii by the 
substitutional method first employed by Bragg. Goldschmidt 
and his students had been working for many years in an effort 
to discover the laws governing the structure of crystals and had 
amassed a wealth of data which, added to the data so com¬ 
pletely summarized by Wyckoff, 3 afforded them an ideal oppor¬ 
tunity to work out the ionic radii by this empirical method. 
Starting with the univalent ions, they set up a table of the alkali 
halides (reproduced in Table 13) and, having the true radius for 
fluoride, were able to determine accurate radii for all the other 
ions represented. From this point on it was necessary to pro¬ 
ceed with caution, comparing only those crystals which were known 
to be ionic. They recognized, for example, that ionic radii could 
not be calculated from crystals of the zinc sulfide type, since there 
was reason to believe that these crystals are built of atoms rather 
than ions. To this very caieful selection of known ionic crystals 
for the calculation of ionic radii is due the remarkable accuracy 
and usefulness of the results obtained. Crystals whose building 
stones arc particles in the same condition, e.g ., ions, are knowm as 
commensurable crystals; but ionic crystals are said to be incom¬ 
mensurable with atomic crystals. Crystals of most of the ele¬ 
ments are spoken of as being commensurable with crystals of the 

1 Wasastjerna, J. A., Soc . Set. Fennica , Commcntationes Phys .- Math ., 1, 
art. 38 (1923); Z . physik . Chem. t 101, 193 (1922). 

2 Goldschmidt, V. M., Skrifter Norske Videnskaps-Akad. Oslo , no. 2, 
(1926), no. 8, (1927); Ber ., 60, 1263 (1927); Trans. Faraday Soc. , 26, 253 
(1929). 

8 Wyckoff, R. W. G., “The Structure of Crystals,” 2d ed., Reinhold 
Publishing Corporation, New York. 1930. 
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zinc sulfide type, meaning that both are built from particles 
which are more nearly atomic than ionic. It follows, then, that 
when the radius of an element is determined experimentally from 
any given crystal type, this value may be used (to a first approxi¬ 
mation) in all other crystal types commensurable with the crystal 
used as the source of the value, but it cannot be used in crystals 
incommensurable with the original type. For example, the 
radius of Cd, determined from the ionic CdO crystal, is inappli¬ 
cable to Cd in the atomic CdS crystal. Goldschmidt was the 
first to recognize the significance of this principle, and he applied 
it consistently. Of the silver halides only AgF is truly com¬ 
mensurable with the alkali halides. The true ionic radius of 
silver, therefore, can be obtained empirically only from this 
halide. The radius of Cu + could not be determined definitely 
because no ionic crystals of this ion had been analyzed. 

From the univalent ions Goldschmidt proceeded to the divalent. 
Table 15, similar to that for the alkali halides, was set up to 
compare the interionic distances in the divalent oxides, sulfides, 
selenides, and tellurides and, starting with the absolute value for 
oxygen (1.33 A), the radii of these ions listed in Table 15 were 
determined. 1 


Table 15.—Interionic Distances in Certain Alkaline Earth 
Compounds 


Mg 

A 

Ca 

A 

Sr 

A 

Ba 

0 

2.10 

0.28 

2.38 

0.21 

2.59 

0.16 

2.75 

A 

0.44 


0.42 


0.34 


0.42 

s 

2.54 

0.26 

2.80 

0.13 

2.93 

0.24 

3.17 

A 

0.18 


0.16 


0.19 


0.14 

Se 

2.72 

0.24 

2.96 

0.16 

3.12 

0.19 

3.31 

A 





0.12 



Te 


Approx. 3.05 


3.24 




Again, only those substances with ionic structures could be 
safely included. For this reason, Goldschmidt was unable to 
determine radii for Cu**, Sn++, and Ge* 4 " since no ionic crystals 
of compounds of these ions had been investigated. 

1 Goldschmidt, V. M., Skrifter Norske Videnskaps-Akad. Oslo , no. 2, 
p. 20, 1926. 
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With the trivalent elements the task became increasingly 
difficult because in almost every instance there is grave doubt as 
to the ionic character of crystals of these elements. In some 
cases the radii of the ions could be estimated by interpolation, as 
in the case of Sc +3 and Y+ 3 . By interpolating in the series 

K+ Ca ++ Sc+* TP* and Rb + Sr + + Y+ 3 Zr + * 

1.33 1.06 .... 0.64 1.49 1.27 ... 0.87 

the values Sc + 3 = 0.83 A and Y +3 = 1.06 A were predicted. 
Soon after, the structures for SC 2 O 3 and Y 2 O 3 were determined, and 
the radii of these ions in the crystals were found to be Sc +3 = 0.84-8 
and Y +3 = 1.02-6 A, very reassuring confirmations of the pre¬ 
dicted radii. The radii for the rare earths were found by inter¬ 
polating between known limits by a method suggested by Grimm . 1 

The ionic radii determined by Goldschmidt are recorded in 
Table 122 in the Appendix. 

At about the time of the publication of these values of Gold¬ 
schmidt, appeared a table of ionic radii calculated independently 
by Pauling on the basis of wave mechanics . 2 The numerical 
values obtained are in remarkable agreement with the empirical 
data of Goldschmidt, and have placed the crystal chemistry of 
ionic crystals on a firm foundation, that of reliable and reasonably 
accurate ionic radii. While the details of Pauling’s calculations 
are beyond the scope of this book, there are many useful concep¬ 
tions brought out which should be reviewed briefly. 

In the first place, the wave mechanics changes our mental 
picture of an atom. We can no longer think of rigid spheres, 
nor indeed of units of any shape having finite dimensions. As 
Pauling says, 

The hydrogen atom consists of a nucleus embedded in a ball of nega¬ 
tive electricity—the electron distributed through space. This may be 
considered as an actual stationary distribution of the individual electron 
throughout space, following Schrodinger; or as a time average of all the 
positions assumed by a point electron. The atom is spherically sym¬ 
metrical. The electron density is greatest at the nucleus and decreases 
exponentially as r, the distance from the nucleus, increases. It remains 
finite, however, for all finite values of r, so that the atom extends to 

1 Grimm, H. G., and H. Wolff, Z. physik. Chem ., 119, 254 (1926). 

* Pauling, Linus, J. Am. Cham. Soc. y 49, 765 (1927). 
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infinity; the greater part of the atom, however, is near the nucleus— 
within 1 or 2 A. 

This same general description applies to atoms other than 
hydrogen in which there are a number of electrons outside of the 
nucleus. Naturally, when the number of electrons around the 
nucleus increases, as it does for elements of higher atomic number, 
this sphere of influence extends farther from the nucleus and the 
effective size of the atom is greater. It is helpful, then, to be 
reminded of the electronic structure of the elements, as listed in 
Table 124, in the Appendix. 

Following the general line of reasoning employed for the hydro¬ 
gen atom a model for a many-electron atom can be developed. 
It is really the electrons in the outermost shell which have the 
greatest influence upon the size of the atom or ion. The distance 
from the nucleus of these outer electrons will depend upon the 
strength with which they are attracted toward the nucleus. The 
stronger the attraction of the nucleus for the outer electrons, 
the nearer will they approach this nucleus and the smaller will 
be the sphere of influence of the atom or ion. There are two 
factors which determine the strength of the attraction of the 
nucleus for the outer electrons. One, of course, is the nuclear 
charge. But before the attractive force of this charge reaches 
the outermost electrons, it must penetrate a region of negative 
charge, the inner electrons. These will absorb much of the posi¬ 
tive charge, and the effective nuclear charge which finally emerges 
to attract the outer electrons will be less, the greater the density 
of the electrons it must penetrate. This influence of the inner 
electrons upon the positive charge Ze, where Z is the atomic 
number and e is the charge of an electron, is known as the screen¬ 
ing effect S 8 and the effective nuclear charge is given by the 
expression (Z — S a )e. 

In Fig. 9, is shown the electron distribution for the sodium and 
chloride ions as a function of the radius (r). Although the old 
picture of electrons moving in regular orbits has been entirely 
abandoned, we may see in the maxima of these curves the sem¬ 
blance of the electron shells, familiar in the old conception. 
The chloride ion, for example, becomes a nucleus embedded in a 
small ball of electricity consisting of the K electrons and a trace 
of L and M electrons, surrounding which are two concentric 
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shells containing essentially the eight L and the eight M electrons. 
The shells are more or less sharply demarcated. The shape 
of the curves in Fig. 9 illustrates very clearly how the inner 
electrons, K and L are drawn in toward the nucleus by the 
increasing charge (Na = 11, Cl = 17). Also, it may be observed 
that the screening effect of the K and L electrons cuts down the 
effective nuclear charge considerably so that the M electrons in 
the Cl~ are relatively diffuse. Pauling has derived a set of 



Fio. 9.—The electron distribution, D = 4ttt 2 p, as a function of r, for the Na + 
and Cl"". [Pauling, J. Am. Chem. Soc 49 , 768 (1927).! 


screening constants to be used in calculating the effective size 
of ions. 1 

For similar many-electron ions the electron distribution is 
similar, but the equivalent radii are inversely proportional to the 
corresponding nuclear charges. To illustrate, the electron dis¬ 
tribution and radii of Cl~, A, and K+ are as follows: 


Ion 

(atom) 

Nuclear charge 

Electron distribution 

Radius, A 

K 

L 

M 

ci- 

17 

2 

2-6 

2-6 

1.81 

A 

18 

2 

2-6 

2-6 

1.54 

K+ 

19 

2 

2-6 

2-6 

1.33 


1 Paulino, Linub, Proc. Roy. Soc. (London), A 114, 181 (1927). 
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Potassium, for example, having the strongest nuclear charge, 
tends to pull the M electrons (see Table 124 in the Appendix) 
closest to its nucleus, while in chloride, the outer electrons are 
subjected to a much weaker pull toward the nucleus. The 
influence of these electrons, therefore, extends farther from the 
nucleus. Applying this principle, and with the aid of suitable 
screening constants, ionic radii may be obtained. 

Even with this theoretical method of determining ionic radii a 
starting point must be selected, based on experimental data. 
Pauling selected the interionic distances for normal 1 crystals 
of the sodium chloride structure, viz. y Na+ — F~ = 2.31, 
K+ - Cl” = 3.14, Rb+ - Br” = 3.43, Cs+ — 1“ = 3.85 A 
(obtained by subtracting 3.0 per cent from the experimental dis¬ 
tance in the crystal with the CsCl structure. See page 49). The 
value for Li + , 0.60 A, obtained from the experimental data for 
Li 2 0, was also assumed. 

Starting with the interionic distances as listed above, and with 
the use of the proper screening constants, dividing these distances 
between the two ions concerned, the radii for all the alkali and 
halogen ions may be obtained. The radii for other ions with 
similar structures are calculated in the same manner—by assum¬ 
ing them inversely proportional to the effective nuclear charge. 
This gives the so-called “univalent radii” of the ions. They are 
not to be used in actual interionic distances in crystals but are a 
measure of the relative extension in space of ions of a given 
electronic structure. Pauling’s univalent radii are listed in 
Table 123, in the Appendix. 

In estimating the size of an ion in a crystal, its relation to its 
neighbors must also be considered. It had been assumed by 
earlier investigators that the repulsive force between ions, the 
force which prevents two ions of opposite charge from coming 
closer together than they do, is the result of deformation. On 
the basis of the wave mechanics, however, repulsion is assumed 
to result simply from the interpenetration of the two ions. When 
the attractive force of the oppositely charged ions and the repul- 

1 A normal crystal is one in which contact (strong repulsion) occurs only 
between adjacent anions and cations and in which there is only so much 
deformation as that shown by the alkali halides. These are the characteris¬ 
tic ionic crystals selected by Goldschmidt. 
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sive force of the two positive nuclei reach equilibrium, the dis¬ 
tance between the ions is defined. These so-called “repulsion 
exponents” n for each of the rare gases, which may also be used 
for ions of corresponding configuration, may be derived from 
experimental measurements of the compressibility of crystals and 
have been worked out by Born 1 and by Herzfeld 2 as listed in 
Table 16. 


Table 16.— Repulsion Exponents 


Crystal 

n(Born) 

n(Herzfeld) 

n 

Rare gas ion 

n 

NaCl 

7.84 

9.1 

8 

He 

5 

NaBr 

8.61 

9.5 

8.5 

Ne 

7 

Nal 

8.45 


9.5 

Ar, Cu + 

9 

KF 


7.9 

8.0 

Kr, Ag + 

10 

KC1 

8.86 

9.7 

9.0 

Xc, Au + 

11 

KBr 

9.78 

10.0 

9.5 



KI 

9.31 

10.5 

10.5 



RbBr 


10.0 

10.0 



Rbl 


11.0 

11.0 1 




For the rare gases and ions of like configuration, Pauling uses 
values of n as listed in the last column, which are approximate 
averages of the proper values taken from the other data. If 
these last column values are averaged, the values in column four 
result, and their agreement with the experimental values justifies 
the values used for the rare gases. There are no data available 
to check the values adopted for the 18-shell ions. Pauling notes 
that, although there are ten M 32 Af 3 3 electrons in the outer shell 
of Cu+ and only six M 2 iAf 22 in ions with the argon configuration, 
the density per electron is smaller in the outer portion of the 
Mz 2 Mm group than near the center and so the comparative sizes 
which have been adopted are probably justified. 

The actual ionic radii in ’a crystal may be obtained from the 
_ 2 _ 

expression R 9 = i?i(ziz 2 ) n “\ where R M = actual ionic radius, 
Ri = univalent radius (for use in normal NaCl type crystals 

1 Born, Max, Eng. math. Wins. (V) 26, p. 735. 

* Herzfeld, K. F., “Handbuch der Physik,” vol. XXII, p, 454, Julius 
Springer, Berlin, 1926. 
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only), n = repulsion exponent and Z\ and z 2 are the valences of 
cation and anion, respectively. 

Pauling recognizes the fact that “ since every atom extends to 
an unlimited distance it is evident that no single characteristic 
size can be assigned to it. Instead the apparent atomic radius 
will depend upon the physical properties concerned and will differ 
for different properties.” Pauling’s crystal radii are shown in 
Table 122 in the Appendix, and, since they have been calculated 
for normal crystals of the NaCl type, they are comparable to 
Goldschmidt’s values. 

Recently Zachariasen 1 has proposed a set of empirical ionic 
radii for ions with the noble gas configuration which are claimed 
to be more accurate than those of Goldschmidt. Univalent 
radii are used as a basis for the estimation of the actual radii in 
any particular crystal. In this way corrections are made for the 
influence of the environment or coordination effect of an ion upon 
its radius in a specific case, and there is no claim that a standard 
radius can be assigned to a given ion for use in all cases. The 
most important factors included in the coordination effect are: 
coordination number, valence or coulomb force, radius ratio. 
These are discussed in a little more detail in the next section. 

Zachariasen’s univalent radii, derived empirically from suitabty 
corrected interionic distances are compared in Table 123 in the 
Appendix, with the univalent radii of Pauling derived theo¬ 
retically. It is interesting to observe that the two show the best 
agreement for the small valences. The lack of agreement for the 
larger valences may result from the fact that the bond is not 
entirely ionic in these cases, as has been assumed in the deriva¬ 
tions. The same difficulty encountered by Goldschmidt occurs 
in a slightly different form. Goldschmidt found a scarcity of 
trivalent ionic compounds from which to determine his empirical 
ionic radii; Zachariasen, having calculated true ionic radii for 
trivalent ions, questions the advisability of applying them to 
actual trivalent crystals. From the univalent radii in Table 123 
the radius for each ion having a C.N. 6 in binary compounds 
AX may be calculated with the aid of formulas on page 50. 
These values will be most nearly comparable to the general values 


1 Zachariasen, W. H., Z. Krist .. 80. 137 (1931). 
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of Goldschmidt and Pauling and are given in Table 122 in the 
Appendix. 

Table *122 thus includes three sets of ionic radii, all three 
intended for use in ionic crystals characterized by the C.N. 6. 
Goldschmidt’s are determined empirically from the experimental 
interionic distances; Pauling’s derived theoretically from wave 
mechanics, using certain well-known experimental values as a 
starting point; Zachariasen’s derived from experimental inter¬ 
ionic distances which have first been corrected for known coordi¬ 
nation effects. A comparison of these three sets affords some 
idea of the degree of accuracy with which ionic radii are known. 
It is quite evident that, as has been implied throughout our dis¬ 
cussion, radii of the univalent ions are most accurately known, 
and the values become more uncertain as the valence of the ions 
increases. This trend suggests that, as the valence increases, the 
tendency to form the ionic bond between the building stones in a 
crystal decreases. 

To clarify further our mental picture of the radius of an ion, 
certain relationships may be observed between the electronic 
structure of an atom or ion, as listed in Table 124 in the 
Appendix, and its radius. Since, the outermost electrons of an 
atom or ion finally establish its radius or the distance from the 
nucleus to which its sphere of influence extends, it follows that: 

1. The positive ion of an element is always smaller than the 
neutral atom of the same element, since the positive ion has lost 
the outermost electrons of the atom. To illustrate: 

Potassium Atom, K Potassium Ion, K + 

Electronic structure. 2-8-8-1 2-8-8 

Radius, A. 2.31 1.33 

2. The negative ion of an element is always larger than the 
neutral atom of the same element, since electrons have been added 
to the valence shell. To illustrate 

Chlorine Atom, Cl Chloride Ion,Cl~ 

Electronic structure. 2-8-7 2-8-8 

Radius, A. 0.97 1.81 

3. For an element which may exist in several valence states, the 
higher the positive valence, or the lower the negative valence, 
the smaller will be the radius of the ion. Thus: 
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Element.„. 

Pb 

Pb ++ 

! 

Pb +4 


Electronic structure. 

Radius, A.. . 

2-8-18-32-18-4 

1.74 

2-8-18-32-18-2 

1.32 

2-8-18-32-18 

0.84 


Element. 

Te 44 

Te 

Te“ 


Electronic structure. 

Radius. A. 

2-8-18-18-2 

0.89 

2-8-18-18-6 

1.33 

2-8-18-18-8 
2.03 


4. When the number of electrons in the outer shell remains the 
same in a series of ions, but the atomic number (and therefore the 
nticlear charge) changes, then, as we have seen from Pauling’s 
theoretical treatment, the radius or sphere of influence of the ions 
decreases with increasing atomic number. For example: 


Element. 

I K+ 

Ca ++ 

Sc +3 

Ti + ‘ 

Y+5 

Cr™ 

Nuclear charge. 

19 

20 

21 

22 

23 

24 

Electronic structure.... 

2-8-8 

2-8-8 

2-8-8 

2-8-8 

2-8-8 

2-8-8 

Ionic radius, A. 

1.33 

0.98 

0.78 

0.62 

0.59 

0.52 


However, the relation is not quite so obvious when it is carried 
a little further. Consider the following: 


Element. 

s- 

ci- 

A 

K+ 

Ca++ 

Atomic number. 

16 

17 

18 

19 

20 

Electronic structure. 

2-8-8 

2-8-8 

2-8-8 

2-8-8 

2-8-8 

Radius (Goldschmidt). 

(Pauling). 

1.74 

(1.85) 

1.81 

1.91 

1.33 

0.98 


As in the series K+, Ca++, Sc+ 3 , Ti^, V+ B , S+ 6 , all have 
the same electronic structure, and the nuclear charge decreases 
from Ca** to S*. The ionic radius might be expected to increase 
from Ca ++ to S~, but it increases only to argon and then decreases. 
It would appear that S“, with a smaller nuclear charge, should be 
larger than Cl~. As a matter of fact, the calculated value for the 
radius of S~ is, according to both Pauling and Zachariasen, larger 
than that for the Cl~. Why is Cl- found to be larger than in 
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actual crystals? When the S“ occurs in a crystal lattice of the 
NaCl type, surrounded by divalent positive ions, the attraction 
of positive for negative is greater than the attraction of positive 
for negative when the ions are only univalent, and the divalent 
ions are drawn closer together by this stronger electrostatic pull. 
In the crystals KC1 and CaS, for example, the building stones 
have the same electronic structures but in CaS these ions are 
drawn together by a stronger force than are the ions in KC1. 
The effect upon the interionic distances is shown in Table 17. 


Table 17.— Effect of Electrostatic Charge upon Interionic 
Distances 


Ion 

Atomic 

number 

Electronic 

structure 

Electrostatic 

attraction 

Crystal 

• 

Interionic 
distance, A 

K+ 

19 

2-8-8 

1 

KC1 

3.14 

ci- 

17 

2-8-8 

1 



Ca ++ 

20 

2-8-8 

2 

CaS 

2.84 

s- 

16 

2-8-8 

2 

i 



The influence of valence on ionic radii is developed further in 
the next section. It follows now that even though the atomic 
number of argon is higher than that of Cl~, the experimental 
radius of argon should be greater. In crystalline argon the build¬ 
ing stones are neutral atoms; there is no electrostatic attractive 
force operating between them; rather, the outer electrons of 
neighboring atoms actually tend to repel each other and keep the 
atoms abnormally far apart in the lattice. 

The Lanthanide Contraction.—In the series of rare earths, the 
outer electronic structure of the ions remains the same, while their 
atomic numbers (nuclear charges) increase progressively from 
La (at. no. 57) to Lu (at. no. 71). A progressive decrease in the 
ionic radii may be anticipated and does occur, but the situation 
is not quite the same as that described above for the series 
K + . . . Cr +6 . The rare earth series differs in that all of these 
elements have the same valence, and for each increase in nuclear 
charge, there must be added one electron outside the nucleus. 
As may be seen in Table 124 in the Appendix, it is the fourth 
quantum shell which gains the electron. This additional inner 
electron exerts a screening effect upon the added nuclear charge 
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and prevents the full force of the larger nuclear charge from con¬ 
tracting so strongly the outermost electrons which determine the 
effective radius of the ion. The radii of the rare earth ions, there¬ 
fore, although they decrease systematically, with increasing 
atomic number, do not differ greatly. This accounts in a large 
part for the very similar chemical behavior of this group. 

Furthermore, the radii of the elements just following the rare 
earths are affected by the lanthanide contraction. Under normal 
conditions, in going down in any given group of the periodic 
table, the radius of the ions increases and we find 

Rb+ = 1.48 A Sr++ = 1.15 A Y+ 3 = 0.93 A 

Cs+ = 1.67A Ba++ = 1.31 A La +3 - 1.06A 

But this is not so for elements which follow the rare earth ele¬ 
ments, such as 

JVIo+ B = 0.68 A and Ru+ 4 = 0.65A 

W+6 = 0.68 A Os+ 4 = 0.67 A 

One may safely predict that the radii of Cb +8 and Ta +5 , were they 
known, should be approximately the same, as should those of 
Zr 4-4 and Hf+ 4 . As is well known, the pairs Mo-W, Cb-Ta, and 
Zr-Hf are very closely related chemically. 

Variations in Ionic Radii.—In the course of his extensive com¬ 
parisons of crystal structure data and the derivation therefrom 
of a set of ionic and atomic radii, Goldschmidt soon found 1 that 
ionic radii which he derived from the interionic distances in 
crystals with the NaCl structure (C.N. 6) did not fit when applied 
to crystals with the ZnS structure (C.N. 4). These two types 
he called “ incommensurable. ” Thus the ionic or atomic size of 
an element depends upon whether it occurs in an atomic ZnS 
structure or an ionic NaCl structure. 

Aside from the influence of the type of bond, the most impor¬ 
tant factors affecting the size of an ion (or atom) are (1) the 
coordination number, (2) the valency of the coordinated ions and 
(3) the radius ratio of the central ion and its coordinated ions. 2 

1 Goldschmidt, V. M., Skrifter Norske Videnskaps-Akad. Oslo , no. 2 
(1926). 

* Zachabiasen, W. H., Z. Kristy 80, 137 (1931). 



THE SIZES OF ATOMS AND IONS 49 

Coordination Number and Ionic or Atomic Size.—There is 
ample empirical evidence indicating that as the coordination 
number of an atom or ion decreases its radius also decreases. 

Having already established the fact that a change from an ionic 
to an atomic crystal causes a decrease in the interionic (atomic) 
distance, Goldschmidt attempted to compare only crystals which 
he had reason to believe were ionic, in order to find the effect of 
coordination number alone on the interionic distance. As a 
result of many detailed comparisons of interionic distances, listed 
in his original papers, he was able to summarize the relation 
between coordination number and interionic or interatomic dis¬ 
tances as shown in Table 18. 


Table 18.— Influence of Coordination Number on Ionic and Atomic 

Radii 


Transition from 

Transition to 

Contraction, 

Type 

C.N. 

Type 

C.N. 

per cent 

CsCl 

8 

NaCl 

6 

3 

NaCl 

6 

ZnS 

4 

5 

CaF 2 

8-4 

TiOo 

G-3 

3 

NaCl 

G 

CaF 2 

8-4 

3 

NaCl 

6 

TiO-. 

G-3 

5 

Metal 

12 

Metal 

8 

3 

C-O* 

4 

C-0(in CXV) 

3 

9 

C-O(inCOr) 

3 

C-0(in CO.) 

2 

16 


* Sum of tetrahedral radii = 0.77 -f- 0.60. 


Zaeliariasen has recently demonstrated 1 mathematically the 
contraction of the interionic (atomic) distance with decreasing 
coordination number. Using the proper equations, he finds that 
the interionic distances vary with the coordination number as 
illustrated in Table 19. The values given are relative; C.N. 6 is 
taken as unity. It is evident that there is a marked change in 
interionic distance with coordination number, which must be 
taken into account to deduce accurate interionic distances for 
application in a given case. For those crystals in which contact 


1 Ibid . 
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between anions occurs, the table will not be accurate. Such 
cases, however, are taken care of by the radius ratio correction. 

Correction for Valency. —The ionic radii of Goldschmidt and 
Pauling in Table 122, in the Appendix, while adjusted for use in 
crystals characterized by a C.N. 6, are not corrected for the influ¬ 
ence upon an ion of the valencies of neighboring ions. The radius 
of an alkali or other univalent cation is larger when its neighbors 
are univalent than when they are divalent. The correction for 
valency may be made with the equation 

Rn = (1) 

Table 19.— Variation of Interionic Distance with Coordination 

Number 

12 

1.056 
1.031 
1.024 
1.000 
0.970 
0.947 
0.919 

Table 20.— n y/z^z 2 as Function of z x zz and n* 

12 


1.065 

1.105 

1.134 

1.158 

1.177 

1.194 

1.208 

1.221 

1.234 

1.253 

1.271 

1.279 

1.286 



n 

5 

6 

7 

i 

8 

9 

10 

11 

C.N.12 

1.160 

1.126 

1.104 

1.088 

1.077 

1.068 

1.061 

9 

1.087 

1.069 

1.057 

1.048 

1.043 

1.038 

1.034 

8 

1.067 

1.053 

1.044 

1.038 

1.033 

1.029 

1.026 

6 

1.000 

1.000 

1.000 

1.000 

1.000 

1.000 

1.000 

4 

0.920 

0.936 

0.946 

0.954 

0.959 

0.963 

0.967 

3 

0.862 

0.889 

0.906 

0.919 

0.928 

0.936 

0.942 

2 

| 0.793 

0.834 

i 

0.857 

0.877 

0.890 

0.902 

0.911 


* Zachabiasen, W. H., Z. Kriat ., 80, 137 (1931). 
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derived from the expression for the crystal energy of a binary 
ionic compound. Rn is the interionic distance between two 
univalent ions; values for n “\/ziz 2 as functions of n and z x z 2 are 
given in Table 20. Then, to determine the Ca-S distance, for 
example, we substitute for Rn, 2.20 + 1.17 (the univalent radii 
of Ca 4 " 4 and S“, respectively). Since Ca 4+ and S" are both of the 
argon configuration, n = 9; ZiZ 2 = 2X2 = 4; and from Table 
20 ” v / ZiZ 2 = 1.19. "Substituting these values in equation (1), we 
get R Zlt2 = 3.37/1.19 = 2.8, as compared with the observed 
value 2.84 A for CaS. 

Correction for Radius Ratio.—This effect has been treated in 


detail by Pauling 1 in connection | 

with the alkali halides. Figure (|4 ^_ 

10 shows the effect of the J |2 _ 

radius ratio upon the interionic * \V_ 

distances for sodium chloride ^ lAa v \ 

^ j Oo — v-Y- 

type crystals. We may recall j |Q6 __\ \_ 

that, assuming perfect spheres, | ' __ 

the coordination number should t ^ _ \ __ 

change from six to eight when ° ^ ____y_\_ 

the radius ratio R A :Rx in- nq J 1 111 II I 

creases above 0.73. Now, it is 02 03 04 06 Q 7 08 °- 9 10 11 12 

Radius ratio p 

the abnormal repulsion of the Flo 10 ._ Correction factor F(p)> giv . 
ions which makes necessary ing the dependency of interionic dis- 
the radius ratio correction. If tapces ip < T y8tala ? n , the 

radius ratio p (solid line). The broken 
with the radius ratio greater line shows the form of this function for 

than 0.73 the sodium chloride 5 sph *™g ^ CA ' m ' 

type persists, there will be less 

than the normal repulsion since ions X are in abnormally loose 
packing around A —there being only 6X when there could be 8X . 
Therefore, the correction factor is negative, and the interionic dis¬ 
tance is less than it would be if there were no radius ratio effect. 
As the radius ratio decreases, the anions become more crowded 
around the cation and mutual repulsion of the anions, added to the 
normal anion-cation repulsion, enters in. This mutual repulsion 
of the anions, of course, prevents the anions from coming as close 
to the cation as they otherwise would, and the anion-cation 
distance becomes greater than if there were no radius ratio effect. 
1 Paulino, Linus- J . Am . Chem . Soc ., 50, 1036 (1928). 
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The correction factor therefore increases positively as the radius 
ratio decreases. It is evident from the curve that the correction 
becomes significant only when there is strong anion-anion 
repulsion, particularly when the NaCl type persists below the 
radius ratio (0.41), at which it should change to the ZnS structure. 
In Lil, for example, ( Ra'-Rx = 0.4)8/2.20 = 0.31) which has the 
NaCl structure, the Li-I distance determined experimentally is 
3.03 A, while the calculated sum of the radii is only 2.85 A. This 
abnormally large distance in the crystal is due to the mutual 
contact and the resulting repulsion of the iodide ions. 

In connection with the radius ratio effect, a word should be said 
regarding the effect of deformation upon interionic distances. 
The lack of additivity of these distances in the alkali halides was 
originally attributed to deformation. 1 As was pointed out in 
Chap. I, however, the alkalies are not to be thought of as strongly 
polarizing ions. The variations in the interionic distances in this 
series of salts may, as has just been shown, be adequately 
accounted for from the standpoint of the radius ratio, and there 
is no need to assume that the ions are deformed. On the other 
hand, when the cation is a small, highly charged, 18-electron 
shell ion (Cu + , Ag + , etc.) we find a much greater change in the 
interionic distances which may be attributed to polarization 
of the anion or to covalent binding. 

Atomic Radii.—In the consideration of crystals of the elements 
or of compounds in which the bond is covalent or homopolar, 
we must deal with atomic radii rather than ionic radii. 

Two sources of data have been employed for the determination 
of atomic radii: (1) the lattice dimensions of elements and (2) the 
lattice dimensions of covalent crystals, of which the ZnS type is 
most familiar. The first method is relatively simple. Most of 
the elements have simple structures and definite atomic radii 
may easily be derived from them. In many cases, however, as 
will be seen in the next chapter, metallic structures are such that 
the atoms occupy positions in the lattice at different distances 
from each other. In such instances, unless all the interatomic 
distances are recorded, the shortest distance of approach of 
neighboring atoms is usually given as the diameter of the metallic 
atom. 

1 Fajans, K., and H. G. Grimm, Z . Phyaik , 2, 299 (1920). 



THE SIZES OF ATOMS AND IONS 


53 


The first sets of atomic radii for use in crystals containing 
homopolar or electron-pair bonds were published in 1923. 1 

The radii were obtained by the familiar substitutional method 
used first by Bragg, assuming 1.05 A as the absolute radius for 
sulfur. As in the determination of ionic radii by this method, 
its success depends upon the careful selection of commensurable 
crystals. Huggins chose only crystals of the ZnS type for com¬ 
parison, and the radii he obtained are remarkably close to the 
corresponding radii of the elements now accepted. 

It is interesting to note the close agreement between radii 
derived from the lattice dimensions of elements and of covalent 
compounds. A few values are shown in Table 21. 2 


Table 21.— Atomic Radii Derived from Lattice Dimensions of the 
Elements and of Homopolar Compounds 


Element 

Atomic radius 
from the element 

Atomic radius 
from compound 

Compound 

Se 

1.16 

1.14 

Be Sc 

Te 

1.44 

1.32 

BeTe 

Be 

1.11 

1.07 

BeO 

Cd 

1.49 

1.48 

CdS 

Zn 

1.33 

1.31 

ZnS 


The latest revised list of atomic radii is given in Table 122 in 
the Appendix. 

In contrast to the ionic bond, the length of which is influenced 
by several factors, the covalent or homopolar bond seems to be 
characteristically constant. This may be very impressively illus¬ 
trated for the wide variety of compounds of carbon (see Table 108, 
Chap. XI). 

Recently the whole matter of covalent radii and interatomic 
distances in covalent crystals has been treated by Pauling and 
Huggins. 3 For the many interesting details, reference may be 
made to their paper. Only the more important points can be 
outlined here. 

1 Huggins, M. L., Phys . Rev., 21, 379 (1923); 28, 1086 (1926). 

* Taken from Tables 122 and 125 in the Appendix. 

3 Pauling, Linus, and M. L. Huggins, Z. Krist ., 87, 205 (1934). 
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A discussion based on quantum mechanics has suggested that 
the formation of various types of covalent bonds is possible. 1 
These differ in number and distribution in space. They may be 
tetrahedral, octahedral, square, or trigonal prismatic bonds; or 
normal valence bonds in nonmetallic atoms. Sets of covalent 
radii, to be used in compounds containing the several types of 
covalent bond, have been obtained from the observed interatomic 
distances in crystals. Just as ionic radii may be applied to all 
crystals in which the bond is predominantly ionic, so these 
covalent radii are to be used not only in crystals containing pure 
covalent bonds, but also in crystals in which the bonds are more 
nearly covalent than ionic or metallic. 

A set of standard tetrahedral radii is given in Table 125, in the 
Appendix. These have been determined by the substitutional 
method of Bragg, starting with the known radii of C, Si, Ge, Sn, 
and Pb and using for the radius of sulfur half the S-S distance in 
pyrite, and they are substantially the same as Huggins' list pub¬ 
lished in 1926. The observed interatomic distances in tetrahedral 
crystals of the ZnS and ZnO types agree with the distances calcu- 
lateji from this set, with the exception of the distances in BeO, 
AIN, and SiC. In the case of BeO, at least, the bonds are proba- 

Table 22.— Comparison op Tetrahedral Radii Bums with Observed 
Distances in Crystals Other Than Those of the ZnS and ZnO 

Types 


Crystal 

Bond 

d calc., A 

d obsd., A 

FeS, 

S-S 

2.08 

2.09 

MnS 2 

S-S 

2.08 

2.12 

CoS, 

S-S 

2.08 

2.05 

NiS, 

S-S 

2.08 

2.09 

FeAs, 

As-As 

2.36 

2.46 

FeSbj 

Sb-Sb 

2.72 

2.44 

CoAfli 

As-As 

2.36 

2.46 

N(CH,) 4 C1 

C-N 

1.47 

1.38-1.48 

N(CH»)<Br 

C-N 

1.47 

1.49 

N(CH,)J 

- C-N 

1.47 

1.51 

B,H. 

B-B 

1.78 

1.82 

CjH. 

C-C 

1 .54 

1.55 

Kj8tO« 

S-S 

2.08 

2.06 


1 Pauung, Linus, J. Am. Chem. Soc., 63, 130/ (I J31). 
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bly more ionic than covalent. In addition to their existence in 
the well-known ZnS and ZnO crystals, these tetrahedral radii are 
applicable to the crystals shown in Table 22. 1 

Normal Valence Radii for Nonmetallic Atoms .—In normal 
valence compounds, each atom forms covalent bonds to the 
number given by its negative valence. Two halogen atoms, each 
with a negative valence of one are joined by a single electron-pair 
bond, the octets of the two atoms being completed in this way. 
An oxygen atom, of negative valence two, may form two electron- 
pair bonds. Elements of the fifth group may form three such 
bonds, while carbon and the other fourth group elements form 
four. Radii for atoms in this type of compound are listed in 
Table 126 in the Appendix. In assigning these values the radii 
for the halogens were assumed to be one-half the spectral values 
for the separation of the atoms in the diatomic molecules. For 
carbon, silicon, germanium, tin, and lead the tetrahedral values 
were assigned. Since the radii of fluorine and chlorine correspond 


Table 23. —Comparison of Radius Sums for Nonmetallic Atoms with 
Observed Distances* 


From bad spectra 

In crystals 



! 

d ! 

1 d 



d 

d 

Molecule 

Bond 

calc., 

obsd., 

Crystal 

Bond 

calc., 

obsd., 



A 

A 



A 

! A 

IC1 

I-Cl 

2.32 

2.31 

h 

ll-I 

2.66 

2.70 

HF 

H.-F 

0.93 

0.92 

Se 

Se-Se 

2.34 

2.32 

HI 

H-I 

1.62 

1.62 

Te 

Te-Te 

2.74 

2.88 

H 2 0 

H-0 

0.95 

0.97 

As 

As-As 

j 2.42 

2.51 

NHs 

N-H 

0.99 

0.98 

I Sb 

Sb-Sb! 

2.82 

2.87-2.62 

CH*F 

C-F 

1.41 

1.43 

Bi 

Bi-Bi 

3.02 

3.11 

H 2 CO 

C=0 

1.28 

1.25 

Sil 4 

Si-I 

2.50 

2.46 

n 2 

NsN 

1.10 

1.10 

Gel* 

Ge-I 

2.55 

2.57 

CN 

C = N 

1.16 

1.17 

Snl 4 

Sn-I 

2.73 

2.63 

HCN 

C =N 

1.16 

1.16 

CHI 3 

C-I 

2.10 

2.06 

C 2 H 2 

C^C 

1.22 

1.21 

As 4 Oe 

As-0 

1.87 

2.01 





Sb 4 0 6 

Sb-0 

2.07 

2.22 





CeH 12 N 4 

C-N 

1.47 

1.44 


* Pauling and Huggins, Z. Krist ., 87, 207 (1934). 


1 Pauling and Huggins, Z . Krist., 87, 222 (1934). 
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to the tetrahedral radii for these atoms, the tetrahedral radii for 
nitrogen, oxygen, phosphorus and sulfur have also been adopted. 
But the normal radii for bromine and iodine were found to differ 
from their tetrahedral radii, and the normal radii of arsenic, 
selenium, antimony, tellurium, and bismuth have been assumed 
to differ from their tetrahedral radii by corresponding amounts. 

That these normal valence radii agree with observed inter¬ 
atomic distances in molecules and crystals of this type may be 
seen from the selected data in Table 23. 

Octahedral radii from pyrite type crystals, listed in Table 127, 
in the Appendix, were calculated empirically from the observed, 
values in these crystals. The standard octahedral radii are 
applicable in many crystals other than the pyrite type, a few of 
which are listed in Table 24. In these crystals the metal atom 


Table 24.— Comparison of Observed Interatomic Distances with 
Tetrahedral and Octahedral Radius Sums* 


Crystal 

Bond 

d calc., A 

d obsd., A 

Fe S 2 

Fe n -S 

2.27 

2.27 

CoS 2 

Co n -S 

2.36 

2.37 

CoAsS 

Co m -As 

2.40 

2.40 


Co m -S 

2.26 

2.28 

RuTe 2 

Ru"-Te 

2.65 

2.64 

PdSb* 

Pd ,v -Sb 

2.67 

2.67 

AuSb 2 

Au IV -Sb 

2.77 

2.76 

Pb 2 PdBr 6 

Pd IV -Br 

2.45 

2.52 

(NH 4 )«SnCl fi 

Sn IV -Cl 

2.48 

2.46 

K 2 SeBr« 

Sc IV -Br 

2.54 

2.54 

PtSe 2 

Pt IV -Se 

2.48 

2.49 

CoI 2 

Co ir -I 

2.65 

2.83 

Cu 2 HgI 4 

Hg-I 

2.81 

2.77 


Cu-I 

2.68 

2.56 

Hgla 

Hg-I' 

2.81 

2.77 

Cu,SbS 3 

! 

Sb-S 

2.45 

2.45 


* A partial list from Pauling and Huggins, Z. Krist., 87, 207 (1934). 


is attached to six nonmetal atoms, each of which may form one to 
four bonds with other atoms. The calculated interatomic dis¬ 
tance is the sum of the octahedral radius of the metal plus the 
nonnal valence radius of the nonmetal. 
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Square Radii.— In K 2 PdCl 4 , (NH 4 ) 2 PdCl 4 , K 2 PtCl 4 , PdO, PtS, 
and probably CuO and (Ni, Fe)S, the metal atom is surrounded 
by four nonmetallic atoms at the corners of a square. These 
square radii are summarized in Table 127 in the Appendix. 

Trigonal Prism Radii. —In MoS 2 and WS 2 , the metal atom is 
surrounded by six sulfur atoms at the corners of a trigonal 
prism. The metal radii for this configuration are listed in 
Table 127. 

That the covalent radius of an atom varies greatly with the 
number of bonds, viz., with its coordination number, is clearly 
shown in the case of silver. The tetrahedral radius (C.N. = 4) 
is 1.53 A. In Ag 2 0 (C.N. = 2) the radius of the silver atom is 
1.39 A; while the distance obtained from band spectra of the 
molecule Ag (C.N. = 1) is 1.12 A. 

The Radius of Hydrogen .—Hydrogen, being so light, does not 
diffract X rays, and its position in crystals cannot be directly 
determined. It is an interesting problem, therefore, to establish 
its size or sphere of influence under different conditions. No 
doubt this sphere depends upon its environment and its state of 
ionization. 

Knowledge of the size of hydrogen is particularly important in 
the study of organic crystals. A recent attempt has been made 
to define the “atomic domain” of hydrogen in such crystals 
through a stereochemical approach. 1 

In crystalline hydrogen (hexagonal close-packed and assuming 
rotating molecules), the radius of the hydrogen atom is about 
1.5 A, 2 this large figure being due, no doubt, to electron repulsion. 
The H+, on the other hand, is little more than a point, and, when 
it combines with a negative ion, it virtually buries itself in the 
electron cloud of the latter. Thus the OH~ is about the same 
size (1.50 A) as the 0“ (1.35 A), although the addition of H + to 0“ 
produces an unsymmetrical and easily distorted ion. The effec¬ 
tive crystal radius of H“ may be obtained from the interionic 
distances in the alkali halides. It has been found to vary from 
1.26 A in LiH to 1.54 A in CsH when the Goldschmidt radii for 
the alkali metals are assumed. 3 In NH 4 + (approximately 1.50 A), 

1 Mack, Edward, Jr., J. Am . Chem . Soc ., 54, 2141 (1932). 

s /6»d. 

*Zintl, E., and A, Harder, Z. physik . Chem., B28, 478 (1935). 
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of course, the effective radius of H“ must be much less. Vegard 1 
has estimated from crystal structure data that in crystalline H 2 S 
and H 2 Se the radius of the hydrogen atom must be about O.to A. 
The effective radius of hydrogen in the molecule H 2 is 0.375 A. 
From the hydrogen halides, the value 0.29 A may be obtained. 

The Hydrogen Bond.—There is rather convincing evidence that 
hydrogen may hold two other atoms together. Hydrogen func¬ 
tioning in this manner is termed a “coordinated hydrogen” or a 
“ hydrogen bond ’ } and was first proposed by Huggins 2 and Latimer 
and Rodebush. 3 Its occurence has recently been reviewed by 
Rodebush. 4 The length of the bond was first determined by 
West as it occurs in KH 2 P0 4 5 and has since been studied in 
NH 4 HF 2 , 6 formic acid, 7 and NaHC0 3 . 8 The H-F bond in 
F-H-F is about 1.184 A in length, while the H-0 bond in O-H-O 
averages about 1.275 A. 

Although the hydrogen bond was postulated several years ago 
to account for abnormal physical properties, 9 it is doubtful 
whether such abnormalities should be taken as positive evidence 
of the bond. The absence of the hydroxyl absorption band in the 
infrared has also been proposed as a method of identification, 10 but 
Sherman 11 questions the infallibility of this criterion. He defines 
the hydrogen bond as one, the energy of which is derived from 
the resonance energy of quantum mechanics, the electron of a 
hydrogen atom being part of the resonating system. Thus the 
molecule containing hydrogen bonds will be more stable than 
indicated by the conventional formula, and the increase in 

I Vegard, L., Z. Krist., 77, 23 (1931). 

* Huggins, M. L., Undergraduate Thesis, University of California, 1919. 

3 Latimer, W. M., and W. H. Rodebush, J. Am. Chem. Soc., 42, 1419 
(1920). 

4 Rodebush, W. H., Chem. Rev., 19, 59 (1936). 

5 West, J., Z. Krist., 74, 306 (1930). 

6 Pauling, Linus, Z. Krist., 85, 380 (1933). 

7 Pauling, Linus, and L. O. Brockway, Proc. Natl. Acad. Sci ., 20, 336 
(1934) (electron diffraction). 

8 Zachariasen, W. H., J. Chem. Physics , 1, 634 (1933). 

9 Sidgwick, N. V., “The Electronic Theory of Valence,” Oxford Univer¬ 
sity Press, New York, 1929. 

10 Hilbert, G. E., O. R. Wulf, S. B. Hendricks, and U. Liddel, J. Am. 
Chem. Soc., 58, 548 (1936). 

II Sherman, Albert, J. Phys. Chem., 41, 117 (1937). 
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stability is the energy of the hydrogen bond. The bond can 
therefore be detected through thermochemical data. 

The hydrogen bond has been said to be largely ionic in nature, 1 
although from a recent study of the heat of association of formic 
acid, it has been concluded 2 that the wave function for the bond 
should include a nonpolar as well as a polar term, the three states 
being X-H+X-, X-HX, XH-X. 

Hydrogen bonds may play a significant role in the association 
of water and other solvent molecules in the liquid state. It is 
probable that they are operative in crystalline ice 3 and in many 
crystals containing combined water. So-called “bound water” 
may be attached to gelatin and similar substances through hydro¬ 
gen bonds. They are also thought to occur rather frequently in 
organic compounds. 4 

The Hydroxyl Bond.—In basic and amphoteric hydroxides it 
has been observed that the distance between oxygens attached to 
different cations decreases with increasing cation charge, viz., 
with decreasing alkalinity. This shorter distance between 
oxygens is assumed to indicate attraction between the hydroxyl 
groups. 6 This attraction was first termed a double hydrogen 
bond 6 because each of the groups joined contained hydrogen, but 
it is now designated as the hydroxyl bond. Its occurrence is 
suspected in many organic compounds, as well as in the hydroxides 
and other compounds containing water. It is said to occur in 
ice. 7 

1 Pauling, Linus, J. Am. Chem. Soc., 53, 1367 (1931). 

a Gillette, R. H., and Albert, Sherman, J. Am. Chem. Soc., 58, 1135 
(1936). 

3 Pauling, Linus, J. Am. Chem. Soc., 57, 2680 (1935). 

4 Hilbert, G. E., 0. R. Wulf, S. B. Hendricks, and U. Liddel, J . Am. 
Chem. Soc., 68, 548 (1936). 

6 Bernal, J. D., Proc. Roy. Soc. (London), A 151, 384 (1935). 

8 Bernal, J. D., Annual Repts. (London), 30, 401 (1933). 

7 Bernal, J. D., and R. H. Fowler, J. Chem. Physics , 1, 515 (1933). 



CHAPTER III 


THE STRUCTURES AND PROPERTIES OF THE 
ELEMENTS: THE METALLIC STATE 

We are in the habit of thinking of three states of matter— 
gaseous, liquid, and solid. The solid state may be conveniently 
subdivided into the crystalline, glassy, and amorphous states. 
It seems almost necessary to break down the crystalline state 
into the nonmetallic and the metallic states. To even the casual 
observer the properties of metals differ so markedly from those 
of other crystalline solids that there must evidently be some 
fundamental difference in the way in which the atoms are put 
together. The nature of metals has evaded description until 
very recently, but we now have a rather clear picture of their 
structure and its significance, even though it is by no means com¬ 
plete in detail. 

The characteristics of metallic elements may be most clearly 
understood by approaching their structures from those of the 
nonmetallic elements. In Table 25 the elements are grouped into 
four classes, according to their crystal structures. 

The elements in Class IV may be recognized at once as the 
typical nonmetallic elements. The crystal structures of the 
solidified rare gases have been found to be face-centered cubic, 1 
each point on the crystal lattice being occupied by a single, 
neutral atom of the element, the outermost electron shell of which 
already possesses its full quota of eight electrons. There is, 
therefore, very little attraction between the atoms, and the crystal 
is characteristically weak. The addition of a small amount of 

1 Unless otherwise stated all references to crystal structures of elements or 
compounds are from R. W. G. WyckofT “The Structure of Crystals,” 2d ed., 
Reinhold Publishing Corporation, New York, 1931, and the supplement, 
1934. This is a most complete, simple classification of crystal structure 
data up to 1935 and is an invaluable asset as a reference in connection with 
the study of crystal chemistry. 

00 
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energy causes it to break down; the rare gases, therefore, have 
very low melting points. 

The other elements in Class IV probably form molecular 
crystals in which the lattice positions are occupied by molecules, 
as in solid nitrogen and oxygen. 1 It is interesting that the 
molecule of nitrogen which we have always written as N 2 is a 
reality in the solid form. Since the forces attracting neutral 
molecules are relatively weak, we find all of the crystals of Class 
IV with significantly low melting points. 



Fig. 11.— (a) The atomic arrangement for iodine. A projection drawing upon 
its b face. Fractions indicate the distance of each atom below the plane of the 
paper, (b) The probable packing of iodine atoms in solid iodine. ( From R. 
W. G. Wyckoff , “ The Structure of CrystaisU by permission of the Reinhold Pub¬ 
lishing Corporation , New York.) 


Class III is perhaps the most interesting group in that it begins 
a remarkably systematic transition from the molecular lattices 
of Class IV to the metallic crystals of Class I. Let us consider 
four typical examples: iodine, selenium (or tellurium), arsenic 
(antimony and bismuth are isomorphous with arsenic), and 
diamond (carbon, silicon, germanium, and gray tin are iso¬ 
morphous). These four transitional structures are shown in 
Figs. 11 to 14. 

It is evident that iodine is a molecular crystal; each lattice 
point is occupied by an I 2 molecule, the forces holding the mole¬ 
cules together are weak, and the crystals, as we know them, are 
1 Vegard, L., Z. Physik , 98, 1 (1935). 
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Lattice Types of the Elements 
Key to Table 25 


Sym¬ 

bol 

Lattice type 

Elements 


Structures Completely Determined 

Al 

Cubic, face-centered 

Ag, Al, Au, Ar, a-Ca, 0-Ce, 0-Co, Cu, 7-Fe, 
Ir, Kr, 0-La, Ne, 0-Ni, Pb, Pd, Pt, 0-Rh, 
Sr, Th, 0 -T 1 , X 

A 2 

Cubic, body-centered 

Ba, «-Cr, Cs, Cb, a-Fe, K, Li, Mo, Na, Rb, 
Ta, 0 - U, V, 0 -W, 0 -Zi 

AS 

Hexagon, close-packed 

13 e, 7-Ca, Cd, a-Ce, a-Co, 0-Cr, a-Er, Hf, 
a-La, Mg, a-Nd, a-Ni, Os, a-Pr, Re, a-Ru, 
Ti, a-Tl, Y, Zn, a-Zr 

A 4 

A 5 

A 6 

A 7 

Diamond, cubic 

Tetragonal, body-cen¬ 
tered 

Tetragonal, face-cen¬ 
tered 

Rhombohedral, body- 
centered 

C (diamond), Ge, Si, gray Sn 

Sn (white) 

In, 7-Mn 

As (metalLic), Sb, Bi 

AS 

Hexagonal 

Se (hex.), Te, Po 

A 9 

Hexagonal 

C (graphite) 

A10 

Rhombohedral 

Hg 

All 

Rhombic 

Ga 

A12 

Cubic, body-centered 

a-Mn, 7-Cr 

A 13 

Cubic 

0-Mn 

A 14 

Rhombic 

I 2 , Br 2 

A 15 

A 16 

Cubic 

Rhombic, face-cen¬ 
tered 

a-W 

P (Jilack, metallic) 

A 17 

Rhombic 

a-S 


Structures Incompletely Known or Uncertain 


c 

Cubic 

oc-N 2 , 7-O2 

H 

Hexagonal? 

B 

H 

Hexagonal 

H 2 (Para), 0-N 2 

R 

Rhombic 

a-0‘2 

C ! 

Cubic 

P (white) 

c, 

Cubic 

a-Rh 

Rh 

Rhombohedral 

0-O2 

M 

Monoclinic 

S (fibers), a-Se, 0-Se 

Mi 

Monoclinic 

a-U 

Hi 

Hexagonal 

0-Be 
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very weak. They are flaky, are very brittle, and can easily be 
vaporized at a relatively low temperature. What of the forces 
holding the two atoms together in the molecule—the intra¬ 
molecular forces? Apparently they are stronger, because when 
the crystal is broken down, it breaks up into molecules, not into 
single atoms. Consider the electronic structure of the iodine 
atom; it is 2-8-18-18-7 (see Table 124, the Appendix); there are 




Fig. 12. — (a) The atomic arrangement in selenium. The first three atoms in 
a spiral chain are marked X. The chain spirals down into the paper. ( b ) The 
relation of the selenium arrangement to that in a simple cubic lattice. ( From 
Ewald , P. P., and C. Hermann , “ Strukturbericht" by permission of Akademische 
Verlagsgesellschaft , Leipzig.) 

seven valence electrons. This means that two atoms can com¬ 
plete their octets by each sharing one electron with the other, 

according to the following scheme : I : I : . The bond holding the 

atoms is thus a homopolar bond and is much stronger than the 
molecular attraction throughout the rest of the crystal. 

In the case of selenium, the atom has only six valence electrons 
in the outer shell. The only way a selenium atom can complete 
its octet by sharing with other selenium atoms is to share one 
electron with each of two neighbors. This will lead to an 
endless chain of selenium atoms, arranged as follows: 

• Se : Se : Se : Se : Se • . 

The links in the chain are homopolar bonds, and an entire chain 
may be looked upon as a single giant molecule The forces 
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between chains may be molecular under certain conditions, 
or they may be metallic. The crystals are relatively weak, 
but they have some properties of the metallic bond, soon 
to be described. For example, under the influence of light, 
selenium becomes a very good conductor of electricity. The 
element also has a metallic appearance. It is impossible to state 
arbitrarily, therefore, the nature of the forces between chains in 
the selenium crystal. That these chains are no myth may be 
seen in Fig. 12a. The atoms marked X show one chain which, 
from the point of observation, seems to spiral almost directly into 
the paper. 

In rhombic sulfur 1 the S 8 molecules exist as separate entities. 
Like selenium, the atoms form chains, but they are eight- 




Fia. 13.—(a) The atomic arrangement in arsenic. ( b) The relation of the 
arsenic arrangement to that in a simple cubic lattice. (From Ewald, P. P., and 
C. Hermann , “ Strukturbericht," by permission of Akademische Verlagsgesellschaft, 
Leipzig.) 

membered chains, the ends of which have been brought together 
to form an enclosed ring. Each S atom thus has two near 
neighbors. 

The arsenic atom has only five valence electrons and each atom 
must therefore share one electron with each of three neighbors 
to complete its octet. The angles between bonds tend to be 
between 90 and 109.5 deg., nearer 90 deg., and this may be realized 
by the formation of a layer structure. Each arsenic atom holds 
three neighbors by covalent bonds, and these form an endless 
1 Warren, B. E., and J. T. Burwell, J. Chem. Physics t 3, 6-8 (1933). 
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layer, a giant molecule. Between the layers are weaker forces 
which may be molecular or metallic—or a combination of both— 
because arsenic crystals show characteristics of both. They are 
weak, as evidenced by the ease with which arsenic sublimes; they 
also exhibit the familiar metallic luster. The coordination num¬ 
ber is six; there are three near neighbors, held by covalent bonds, 
and three more distant neighbors held by the weaker forces. As 
with selenium, the arsenic crystal is a distorted NaCl structure, 
and the nature of the distortion may be observed in Fig. 13. 1 
Imagine a sodium chloride crystal that stands on one corner with 
the cube diagonal vertical, then squash it downward. This 
changes it from a cube to a rhombohedron. Now imagine every 
other horizontal layer of atoms drawn toward the layer above it, 
under the urge of the atoms to acquire three neighbors to complete 
their octets. The atoms are not drawn all the way to the layer 
above, but remain slightly below, forming a puckered layer as 
may be seen in the figure. In crystalline bismuth, although it is 
rhombohedral like arsenic and antimony, the bismuth atoms 
are not so far from the normal positions they would occupy in 
the sodium chloride lattice. 

Black phosphorus is crystalline, the atomic arrangement being 
a double layer structure, somewhat similar to arsenic but ortho¬ 
rhombic. It is a more closely packed structure than is arsenic 2 
and is stable at high pressures because of this close packing. 

It should be noted that all of the elements so far discussed exist 
in allotropic forms. An amorphous form is particularly charac¬ 
teristic of all these, whereas we never find the truly metallic 
elements in the amorphous condition. The amorphous form is 
usually unstable at room temperature. The familiar amorphous 
sulfur is prepared by every freshman when he pours molten sulfur 
into cold water. Incidentally, this form of sulfur has been 
reported to have a pseudocrystalline structure when stretched— 
a structure very much like stretched rubber 3 and this is suggestive 

1 The NaCl structure has no physical reality; there is no tendency to form 
this structure. 

2 Hui/tgren, R., N. S. Ginrioh, and B. E. Warren, J. Chem. Physics , 
8 , 351 (1935). 

•Trillat, J. J., and J. Foresteer, Compt. rend., 192, 559 (1931). Also 
see Chap. XII, of this book. 
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of chain molecules. In many cases the amorphous modification 
of these elements may be electrodeposited. Strangely enough^ 
arsenic may be deposited in the amorphous form under ordinary 
conditions and antimony under more limited conditions, but 
bismuth deposits are crystalline under these same conditions. 1 
A second form of bismuth, stable at 25,000 kg. per sq. cm., has 
recently been observed. 2 



We come finally to the diamond crystal. Carbon has only 
four electrons in the valence shell and each atom must, therefore, 
share with four neighbors to complete its octet. These four 
neighbors, to be grouped symmetrically around the central atom, 
must lie either in a plane at the corners of a square or they must 
lie at the corners of a tetrahedron of which the atom surrounded 
by the four is the center. The directional characteristics of the 
covalent bond favor the tetrahedral arrangement and this is the 
one found in the diamond (see Fig. 14). Since four homopolar 
bonds are now available for each atom, they can extend in three 
dimensions. All the atoms in the crystal are bound by homo- 
polar forces, there are no weak binding forces, and the entire 
crystal, regardless of its size, may be thought of as one huge 
molecule. The well-known properties of diamond are in keeping 
with such a picture. It is the hardest known substance; its 
melting point is one of the highest (above 3000°C.); it is a non¬ 
conductor of electricity. 

1 Stillwell, C. W., and L. F. Audrieth, J. Am. Chem. Soc ., 54, 472 
(1932). 

* Bridgman, P. W., Phys. Rev., 45, 844 (1934). 
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In the preceding pages we have followed the transition of the 
crystalline elements from the weak molecular lattice to the 
molecular chain lattice, strong within the chain but weak between 
chains; thence to the molecular layer lattice, strong forces within 
the layer but weak forces between layers; and finally to the 
diamond, held by homopolar or electron-pair forces throughout, 
and one of the strongest substances known. We have described 
what may be summarized as the “8-N rule” 1 which has been 
stated as follows: When an atom has N valence electrons, it can 


hold 8-N neighbors by sharing 



Hexagonal Cubic Close - 

Close-Packing Packing 

Fig. 15. —Spheres in closest packing, 
C.N. 12. The atomic arrangement in 
many metals. 


electrons. It would seem that 
we are no nearer the metallic 
state than when we started, 
indeed diamond bears less 
resemblance to the metals than 
many of the other elements 
that have boon mentioned. 

Lot us skip over Class II for 
the moment and examine the 
characteristics of the Class I 
elements. We recognize these 
elements at once as the true 
metals, from the standpoint of 
both their chemical and engi¬ 
neering properties. With the 
exception of manganese all of 
the elements in this group are 
found to have one of three 


very simple crystalline structures. They are close-packed 
hexagonal (C.N. 12), face-centered (close-packed) cubic (C.N. 
12) or body-centered cubic (C.N. 8). The close-packed struc¬ 
tures are illustrated in Fig. 15. The truly metallic structures, 
then, are characterized by high coordination numbers, 8 or 
12. It is obviously impossible for the atoms to be held together 
by sharing one electron with each of 8-N neighbors, for there are 
not enough electrons available. Here we have the underlying 
condition which characterizes the metallic bond. There are not 


enough electrons available for sharing; an ionic bond is impossible 
1 Humb-Rothery, William, Phil. Mag., (7), 9, 65 (1930). 
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because all the atoms are positive and so the metallic linkage 
occurs. This is a new type of bond in which an electron can 
serve for more than one atom. We may use the following analogy 
to illustrate the situation that has arisen: Consider a machinery 
manufacturer who has four servicemen in his employ and finds 
himself, in the midst of a depression, with only four customers 
who use his machine. It is a simple matter to keep in touch with 
these four customers. One man may act as a continuous 
go-between from the plant to each customer. But suppose, with 
a revival of business, the number of customers is increased to 
twelve. If the number of servicemen is not to be increased, it 
becomes necessary for each one to circulate, visiting at least three 
customers. He can no longer devote his time entirely to one. 
This is exactly what the valence electrons must do when the 
number of neighbors in the crystal grows too large. In order to 
retain some sort of hold on all these neighbors they must divide 
their time between them. These “roving” electrons, then, 
constitute what is known as the “metallic bond.” It is supposed 
that the metal atoms lose their valence electrons and become 
positively charged ions, while the detached 1 electrons are free to 
move around to some extent. The metallic state, then, we 
visualize as a state in which positive ions are held together by a 
sort of gas of negative electricity—an electron gas. The proper¬ 
ties of the metals are better understood from this picture, as will 
be shown later. 

Before we forget the case of the machinery servicemen it is 
interesting to observe another factor in the situation. When 
the number of customers increases, the manufacturer can keep 
in touch with all of them by having his representatives circulate, 
but he cannot keep so efficient contact with any one of the twelve 
as he could with each of the original four. Likewise, with the 
increasing number of neighbors when we pass from the crystal of 
diamond (C.N. 4) to one of the metals (C.N. 8 or 12), the result¬ 
ing metallic bond is not apt to be so strong as the homopolar bond 
where each electron devotes itself to one neighbor exclusively. 

1 According to present theory, they are not completely independent of 
the ion and therefore not unqualifiedly detached, but considerably more 
mobile than if they bore their normal relation to the atom. 
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We should expect the melting points of carbon, silicon, and 
germanium to be higher than those of the metals, and to a certain 
degree this is true. 

The metallic bond is probably, in essence, a modified or weak¬ 
ened homopolar bond. Fundamentally it involves a sharing of 
electrons. In the true homopolar bond a pair of electrons is 
shared by two atoms; in the metallic bond more or less mobile 
electrons are shared by more than two atoms. 

One may wonder to what extent a true homopolar bond may 
be detected in the presence of a metallic bond. We have postu¬ 
lated, for example, that in the selenium crystal both types are 
present. Two means of detection have been used. First, assum¬ 
ing there are homopolar bonds in a given crystal, the conductivity 
should increase with an increase in temperature, since the elec¬ 
trons are loosened somewhat. For the metallic bond, however, 
an increase in temperature increases the resistance due to the 
increased amplitude of vibration of the electrons, already com¬ 
paratively mobile. The presence of homopolar bonds, therefore, 
is accompanied by the occurrence of a minimum resistance as the 
temperature is raised. The fourth and "sixth group elements 
exhibit a minimum resistance, while the results for the fifth group 
are not at all conclusive. The magnetic properties of a substance 
also serve to betray the presence of homopolar bonds. Some 
metals are diamagnetic because they contain diamagnetic atoms. 
Homopolar substances, however, are apt/to be strongly dia¬ 
magnetic and their diamagnetism decreases as the temperature 
increases and vanishes at the melting point, showing that it is a 
property of the forces in the crystal and not of the element itself. 
This is particularly true of bismuth and antimony. 

The free electron or electron gas theory of the metallic state 
is not particularly new. In 1900, Drudc 1 assumed that metals 
contain a number of free electrons, the motion of which is that 
of an ideal gas, as described in the kinetic theory: When an elec¬ 
tric force is applied these electrons are assumed to move in one 
direction and carry the current. Lorentz 2 developed the theory 
further, and it was subsequently modified by Richardson, Thomp- 

1 Drum, P., Ann. Physik , 1, 566 (1900); 3, 369 (1900). 

* Lorentz, H. A., “ Theory of Electrons,” G. E. Stechert and Co., New 

York, 1923. 
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son, Jeans, Wilson, Bohr, and others. The electron gas theory 
of metals is applicable to the specific heat phenomena only if it 
be assumed arbitrarily that most of the electrons are bound to 
atoms and only a small percentage are free to carry the electric 
current. 1 

The more recent theories, exemplified by that of Pauli and 
Sommerfeld, are based on the quantum mechanics. The energy 
values for the electrons in a crystal are not continuous as in the 
classical Lorentz theory, but occur at discrete levels. Applica- 



Fio. 16.—(a) Schematic representation of the behavior of the atomic energy 
levels as an alkali metal lattice is contracted. At the equilibrium distance A the 
spectrum is continuous. (6) Semiquantitative representation of the *one scheme 
of diamond, varying with lattice spacing. [From Seitz, F., and R. P. Johnson, 
J. Applied Phys., 8, 84 (1937).] 

tion of the Pauli exclusion principle limits the number of electrons, 
which can exist in each such energy band. Paramagnetism 
was first successfully explained by this theory, which was later 
extended to include other metallic properties. Although it offers 
a-satisfactory interpretation of most of the properties of metals, it 
did not give an adequate explanation of the fundamental differ¬ 
ence between a conductor and a nonconductor. 

The newer zone theory of solids does offer a wave mechanical 
description of the electron distribution in metals and noncon¬ 
ductors which accounts for their characteristic differences. It 
(Jiffers essentially from the Pauli-Sommerfeld theory in that it 
Considers (1) the wave nature of the electron and (2) periodic 
potential distribution in the solid lattice. Briefly, certain energy 
ranges in a crystal are forbidden to the valence electrons, leaving 

1 Slater, J. C., Recent wave mechanical calculations confirm this assump¬ 
tion, Phys. Rev., 36, 57 (1936). 
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gaps in the energy spectrum in which no electrons can be found. 
If the zones in which electrons are allowed overlap affording a 
continuum of electrons, the latter behave much like free electrons 
and the substance is metallic; if electron zones are discontinuous, 
leaving regions in which no electrons can occur, then the sub¬ 
stance is a nonconductor. The schematic application of this 
theory is shown in Fig. 16. Figure 16a is the energy spectrum 
of a typical alkali metal with overlapping zones; and Fig. 166 
shows the energy zones for diamond. 

For a more detailed discussion of the development of the theory 
of metals, the reader is referred to Hume-Rothery, 1 Mott and 

Jones, 2 Seitz and Johnsop, 3 and 
Slater. 4 

It is to be noted that, according to 
the zone theory, the electrons are free 
to move—sometimes in restricted 
zones—in nonconductors as well as in 
metals and that, in contrast to the 
older viewpoints, particular valence 
electrons are not bound to particular 
atoms. Rather, in nonconductors 
any particular electron is apt to be 
found in a rather definite orbit but 
about any one of the atomic nuclei. 

While it is not strictly permissible 
to adopt a definite physical picture 
in connection with the newer physical 
theories, a diagram which comes very near to expressing the most 
recent conception of the metallic state is shown in Fig. 17. The 
atomic nuclei are shown by crosses. The dotted lines represent 
lines of equal potential. As the distance from the nucleus 
increases, a critical point is reached which is shown by a continu- 



Fio. 17.—Schematic picture of 
the distribution of positive and 
negative charges in a metallic 
lattice. [From J. E. Lennard- 
Jones, Proc. Roy. Soc. {London), 
A 120 , 734 (1928) by permission 
of the Royal Society.] 


1 Hume-Rothery, William, “The Metallic State,” Oxford, Clarendon 
Press, New York, pp. 164-200, 1931. 

* Mott, N. F., and H. Jones, “Theory of the Properties of Metals and 
Alloys,” Oxford University Press, New York, 1936. 

* Seitz, Frederick, and R. P. Johnson, J. Applied Phys. t 8 , 84 (1937). 
4 Slater, J. C., Rev. Mod. Phys6 , 208 (1934). 

The last reference is a brief, fairly elementary summary of the zone 
theory. 
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ous line. These are closed curves representing equal electron 
densities in the regions which contain no nuclei, but it is evident 
that the electron density in these regions is less than that in the 
regions containing nuclei. The electrons in these regions between 
the atomic nuclei are the ones shared by all the atoms. One 
observes here a suggestion of the electron lattice proposed by 
Lindemann, but it differs from his conception in that the elec¬ 
tron lattice is not necessarily static, even at the absolute zero. 
This picture differs from the older electron gas theories in that the 
shared electrons, while free to move to some extent, are definitely 
restricted in their movements. 

Class II is an interesting group from the standpoint of the 
structure types of its members. They are actually more metallic 
than nonmetallie and might be classed as abnormal metallic 
structures. For the fourth group elements, the influence of the 
covalent bond determines the crystal structure. In passing 
toward the first group, the covalent bond can no longer be formed; 
and for building units essentially spherical, with no directional 
bonds, the stable configuration is a close-packed arrangement. 
One may fairly visualize the struggle going on among the atoms 
as they attempt, upon leaving Class III, to “shake themselves 
down” into the geometrically stable close packing of Class I. 
Above all, this requires a crowding up, so that each atom may 
acquire more neighbors. Consider gallium, a very abnormal 
crystal which has defied exact analysis for many years. The 
crystal has now been definitely determined as orthorhombic. 1 
Each atom has seven neighbors, one distant 2.45 A and two each 
at 2.70, 2.75, and 2.79 A. There is first, the persistence of mole¬ 
cules of Ga 2 (the atoms 2.45 A apart) in the solid crystal, in which 
respect the substance is nonmetallie and more like the Class III 
elements. The forces between these Ga 2 molecules must be 
relatively weak, as evidenced by the low melting point of gallium 
(37°C.). The actual orthorhombic cell results when an ideal 
tetragonal arrangement of the atoms is compressed only slightly; 
and in the tetragonal form, each atom has five nearest neigh¬ 
bors. There is apparent, then, a tendency to follow the 8 -N 
rule. Finally, the gallium structure has a distorted close pack- 

1 Laves, F., N aturwissenschafien , 20, 472 (1932). But see also A. J. 
Bradley, Z . Krist. , 91, 302 (1935). 
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ing, a metallic tendency, and evidence of the transitional nature 
of the element. 

Zinc has a distorted close-packed hexagonal structure. For 
hexagonal close packing of spheres the axial ratio (c/a) = 1.63, 
while in zinc the axial ratio is 1.87. It has been suggested that, 
owing to their two valence electrons, zinc atoms are spheroidal 1 
and would therefore close pack with the c axis longer than for 
close-packed spheres. At any rate, because of this elongated c 
axis, zinc is not so characteristically metallic as the Class I ele¬ 
ments. Furthermore, instead of 12 equidistant neighbors, each 
zinc has 6 close neighbors and 6 carried slightly farther away by 
the elongated c axis. 

Indium is face-centered tetragonal, but the axial ratio is only 
1.06. It is therefore very nearly face-centered cubic. 

Mercury is rhombohedral, a distorted face-centered cube. 

Lead and aluminum are face-centered cubic, but there is some 
indication that the atoms are farther apart than they should be 
if close packed. This abnormality is discussed later. 

Several of the elements on the border line of the metallic state 
are polymorphous, crystallizing in nonmetallic and metallic forms. 
Gray tin, stable below 19°C., is isomorphous with diamond, and 
the atoms are bound by homopolar forces. It shows no resem¬ 
blance to the metals whatsoever. The more commonly known 
white tin, on the other hand, stable above 19°C., properly belongs 
in Class II. It is tetragonal, C.N. = 6, and possesses familiar 
metallic properties. Evidently a particular element cannot be 
classed arbitrarily as metallic or nonmetallic. 

Carbon crystallizes as diamond and as graphite. Their struc¬ 
tures are shown in Fig. 14. While in diamond all the atoms are 
held by strong, homopolar forces to form a nonmetallic crystal; in 
graphite, each carbon atom has lost one of its near neighbors and 
has but three neighbors in its own layer. Each atom, therefore, 
has one electron in excess of those needed for the homopolar 
bonds, and this is involved in some way in holding the adjacent 
layers together. Recently Pauling has suggested that all four 
electrons exert most of their influence within the layers rather 
than between them. 2 The flaky nature of graphite, and the 

1 Westoben, Arne, and A. Almin, Z. physik. Chem. } B 6, 14 (1929). 

* Pauling, Linus, J. Am. Chem. Soc ., 57, 2706 (1935); see also Chap. XI 
of this book. 
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large distance between layers, indicate that the force between 
layers is relatively weak—weaker than would be expected, were 
one electron from each carbon atom available for the bond. In 
contrast to diamond, which is an extremely poor conductor, 
graphite is a good conductor of electricity. According to the 
zone theory this may be interpreted as follows: Referring to 
Fig. 166, it appears that the zones have come together and then, 
at the minimum interatomic distance in diamond have separated 
again. However, at a larger interatomic distance the zones are 
more nearly continuous, and the average interatomic distance 
in graphite is larger (1.42 A in layers, 3.40 A between layers). 

Resembling in this respect the other Class III elements, carbon 
has long been known in an “amorphous” form. 1 Recent studies 
have proved beyond doubt, however, that amorphous carbon is 
actually crystalline. Carbon black is composed of a continuous 
series of particles varying from single layers of graphite to graph¬ 
ite crystals several layers thick. 2 

Many so-called “intermetallic compounds” are distinctly non- 
metallic in some respects even though they are composed of two 
metallic elements. On the other hand, so-called “synthetic 
metals” have been prepared from nonmetallic constituents. 3 

Authorities are fairly well agreed upon the structural classifica¬ 
tion of the elements which has been given. When we delve 
further into the details of the metallic state, however, and 
attempt to systematize the various differences which occur 
within Class I itself, difficulties arise which, as yet, have not 
been surmounted. In Table 25 are given the crystal structures 
of the elements as they occur in the periodic table. Questions 
at once present themselves: What determines the structure of an 
element? All of the alkalies, for example, are body-centered 
cubic. May this be characteristic of their unique atomic struc¬ 
ture in which there is only one valence electron? Hardly so, 
for the same body-centered cubic structure is common in the 
fifth and sixth groups. The alkaline earths are face-centered 
cubic, and so are the eighth group transition metals. The 

1 Hofmann, U., E. Groll, and W. Lemcke, Z. angew. Chern. f 44, 841 
(1931); Hofmann, U., and W. Lemcke, Z. anorg . allgctn. Chem ., 208, 194 
(1932); Miwa, Mitsuwo, Science Repts. Tdhoku Imp. Untv ., 23, 242 (1934). 

3 Warren, B. E., J . Chem. Physics , 2, 551 (1934). 

9 See, for example, Kraus, C. A., J . Am. Chem. Soc ., 29 , 1557 (1907); 
85, 1732 (1913). 
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third and fourth group metals are predominantly hexagonal, and 
this structure recurs to some extent in the seventh and eighth 
groups. There is, as shown in Table 25, a suggestion of a rotation 
of structure types, from C.N. 8 to 12 to 8 to 12 in going across a 
long period. 

A recent quantum mechanical treatment of the metallic state 
appears to throw some light on the questions which have just 
been raised: 1 In the true metals, the energy of th#‘ valence elec¬ 
trons is practically independent of the lattice structure. The 
electron charge is strongly isotropic, resulting in essentially 
spherical units which tend to assemble in simple, close-packed 
structures. It is suggested that for the alkalies, the wave func¬ 
tions of the inner shells overlap very little, hence the binding 
energy is that of valence electrons in a field of ions, plus a small 
van der Waals' attraction. The urge for the closest packing is 
absent and a structure with C.N. = 8 is formed. 

Although, for the divalent and trivalent metals the force may 
still be largely that of valence electrons in a field of ions, it is a 
much stronger force; closer packed structures are to be expected 
and are found. 

In the progression from left to right in long periods there is a 
change of structure type at about the point where, according to 
Hume-Rothery, the transition from an 8- to an 18-electron shell 
begins. 2 In passing from titanium to vanadium, zirconium to 
columbium, or hafnium to tantalum, the structure type reverts 
from that of C.N. 12 to one of C.N. 8. At this point, the nuclear 
charge has been increased without producing quite the propor¬ 
tional decrease in atomic diameter and without increasing the 
number of valence electrons which determine, in large measure, 
the binding force. The added electron is identified with the 
inner shell and is not lost when the metal ionizes. The struc¬ 
tural change appears to be related to the addition of the first of 
the electrons to the d shell. Recently Dehlinger 3 has suggested 
independently that structural changes may be correlated with 
the building up of the d shell. 

1 Mott, N. F., and H. Jones, “Theory of the Properties of Metals and 
Alloys,” Oxford University Press, New York, 1936. 

* See p. 80. 

a Dehlinger, U., Z. Phyaik , 96, 620 (1935). 
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Mott and Jones point out that as more d electrons are added, 
the cores (closed d shells) finally overlap, repulsive forces come 
into play and close packing of what may be pictured as hard 
spheres results. The repulsive forces become sufficiently influ¬ 
ential to cause a change to close-packed structures before the 
d shells are completely filled, as is illustrated in the following 
series: 
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Pt 
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29 
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79 
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Dehlinger 1 has proposed that the properties of the metals 
depend not only upon the interaction between the free electrons 
in the lattice, but also upon the interaction between the remaining 
ionic cores, which influence, in the transition elements, may 
become very strong. 

The ideal structure for the metals is, as w r e have seen, a close- 
packed one (C.N. 12). It is interesting to note that the elements 
vanadium, columbium, chromium, tantalum, molybdenum, and 
tungsten, which crystallize as body-centered cubes (C.N. 8), can 
be made to crystallize with a C.N. 12 by the addition of carbon 
or nitrogen. 2 The metal atoms in the interstitial compounds are 
close packed, the carbon and nitrogen atoms being located in 
the interstices. 

We are apparently on the threshold of the development of a 
theoretical metal chemistry which should prove remarkably inter¬ 
esting. 

ATOMIC RADII IN THE METALLIC STATE 

The atomic radii of the metals are listed in Table 122, in the 
Appendix. The radius of an element is perhaps its most dis- 

1 Dehlinger, U., Z. Elektrochcrn 38, 148 (1932). 

2 See p. 141. 
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tinguishing property, and Hume-Rothery 1 has found a very 
interesting relationship among these radii, which adds to our 
picture of the metallic state. 

A metal has been defined as positive ions surrounded by elec¬ 
trons which are relatively free to move. Apparently only a few 
electrons are free to move at any instant, so that, on the average, 
the metal atom is more like a neutral atom than like an ion, as 
evidenced also by its effective radius. 

Further information of the state of ionization in a metallic 
crystal is to be gained if we compare the interatomic distances 
determined experimentally, with the atomic structures shown in 
Table 124, in the Appendix. If Z is the atomic number and n 
is the quantum number of the outermost group of electrons in the 
ion, t.e., the outermost complete electron shell, then, for a given 
value of n, the size of the atom should decrease continuously as Z 
increases, if all valence electrons are detached. Thus, in the 
series, Na, Mg, Al, Si, the electronic structure of the ion is 2-8 in 
all (n = 2, see Table 124), but, owing to the increasing nuclear 
charge, the electrons are drawn closer to the nucleus and the 
radii decrease in the order Na, Mg, Al, Si. When n increases, 
i.e. y when another complete shell of electrons is added, the atomic 
radius will increase in spite of the contracting influence of an 
increase in atomic number. Hume-Rothery found that the 
following expression defines this qualitative relationship between 

Z, n, and the atomic radius d: ^ = Qz) x. This relationship 

he calls the law of subgroups. If it be true, and we then plot 
log d/n against log Z, a straight line should be formed by the 
elements in any one subgroup. Some of the experimental results 
are shown in Fig. 18. It is evident that the atomic radii within 
a given group fulfill this relationship; it is also true that the 
elements in a given period ( e.g ., Li, Be, C; or K, Ca, Ti, V, Cr) 
are related in the same way and the relations are connected with 
the screening effects of the different shells. The slopes of the 
lines are indicated and increase regularly as 1:1, 1:2, 1:3. The 
skip to 1:5 occurs when an 18 group of electrons is being built 
up in the third period. 

1 Hume-Rothery, William, Phil. Mag., (7) 10, 217 (1930); “The Metallic 
State/' Oxford, Clarendon Press, New York, p. 311, 1931. 
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This simple relationship between atomic size and atomic struc¬ 
ture in metals makes two important contributions to our picture 
of the metallic state. (1) The straight-line relation for lithium, 
beryllium, carbon or for sodium, magnesium, silicon suggests 
that there is no fundamental difference between the truly metallic 
bond of lithium or sodium and the covalent or homopolar bond 
of carbon or silicon. We have had other indications of this fact. 
So also in the series carbon, silicon, titanium, zirconium, and 



l0 9«> z 

Fio. 18.—The relation of atomic number to atomic radius in the metallic 
state, log d/n vs. log Z. [From W. Hume-Rothery, Phil. Mag., 10, 217 (1930), 
by permission of the Philosophical Magazine.] 

hafnium, the atomic radii all lie on the same straight line and 
there is no suggestion from this source, at any rate, that a transi¬ 
tion from a nonmetallic to a metallic element has occurred. (2) 
From the relation of atomic radius to atomic structure, we are 
able to learn something of the state of ionization of the atoms as 
they occur in the metallic state. Because carbon and silicon 
are admittedly tetravalent, and because titanium, zirconium, and 
hafnium lie on the same straight line, it may be inferred that 
these last three are also tetravalent. 

It is, of course, a familiar fact that the completion of the long 
periods in the periodic table is accompanied by a transition in 
which, to the temporarily stable 8-electron shells, are added more 
electrons, to the number of 18. In the first long period, for 
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example, we know that this process starts with scandium and 
is not completed until the 18-electron shell is filled in nickel. 
Abnormal variations in atomic radii indicate that this transition 
period occurs with the ions in the metallic state as it does with the 
metallic ions when they are studied in combination with negative 
ions. The interesting question is whether it occurs in the same 
manner in metallic ion§ as it does in ionic compounds. 

Some light has been thrown on this point. When the log Z 
(atomic number) is plotted against log d , where d = the diameter 
of the atom in the metal, determined experimentally, the curves 




Fig. 19.—The relation of atomic number to atomic radius in the metallic state. 

[Adapted from W. Hume-Rothery, Phil. Mag., (7) 11, f)49 (1931).j 

shown in Fig. 19 are obtained. Perhaps the most interesting 
feature of this figure is the relationship of d and Z for potassium, 
calcium, (scandium), titanium, and vanadium. Hume-Rothery 
proposes that, inasmuch as the step from potassium to calcium 
involves the addition of an electron to the outer shell, the subse¬ 
quent steps, calcium to titanium to vanadium may involve a 
similar addition, rather than the addition of an electron to the M 3 
subgroup as in the free atoms. With chromium the slope of the 
curve changes and it is suggested that this may evidence the 
addition of an electron to the M 3 subgroup, the electronic struc¬ 
ture of chromium as it exists in the solid state being 2-8-9-5. 
Now, there are two crystalline modifications of chromium known 
and the experimental values for the atomic radii in both forms 
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have been plotted in Fig. 19. The electronic structure, 2-8-9-5, 
is that of a chromium. Since the position of chromium on the 
diagram appears to be two steps away from titanium, and since 
each step on a curve with this slope has been taken to signify the 
addition of one electron to the Af 3 subgroup, the electronic 
structure for chromium may be designated as 2-8-10-4. 

Following this line of reasoning, the electronic structures for 
the four different-sized manganese atoms were postulated, 1 thus 
reconciling interatomic distances with degrees of ionization for 
this group of metals. The same interpretation may be applied 
to the fourth period metals. 2 

While this interpretation is simple and straightforward, it is 
not the only possible one to fit the fact of changing slope. 3 From 
the point of view of the newer electronic theories, the break 
might correspond, not with the beginning of the transition 
process, but with the point at which the 4s electron bands and 
the 3d bands overlap, as regards energy. Furthermore, the 
assignment of the degree of ionization to these metals must be 
taken with considerable caution, for the quantum mechanical 
treatment suggests that in the solid crystal there is no reason 
why there must be a whole number of 4s electrons per atom of a 
transition element. 4 

It would seem that allotropy might be expected among the 
transition metals, since atoms of these may exist in several sizes; 
and, of course, experience demonstrates that this expectation is 
realized. Although it has no direct bearing on our subject, it 
is of interest to know that of those metals which are allotropic a 

1 a-Mn is a body-centered cubic structure containing four kinds of manga¬ 
nese atoms designated A", A , D i, D 2 , characterized by different atomic 
diameters (Bradley, A. J., and J. Thewlis; Proc. Roij. Soc. (. London ), 
A 116, 456 (1927). 

0 -Mn is a complex cubic structure with 20 atoms in the unit cell and the 
closest distance of approach is 2.365 A. It is an alloy isomorphous with 
AgjAl and may be considered an alloy of two kinds of manganese atoms. 
(Preston, G. D., Phil. Mag., (7) 6, 1207 (1928); Fagerberg, S. and A. 
Westgren, Metallwirtschaft , 14, 265 (1935). 

7 -Mn is tetragonal face centered; closest distance of approach, 2.57 A. 

2 Hume-Rothery, W., Phil. Mag ., (7) 11, 649 (1931). 

8 A possibility suggested by Hume-Rothery, private communication. 

4 See Mott, N. F., and H. Jones, “The Theory of the Properties of Metals 
and Alloys/’ pp. 189-194, 222, Oxford University Press, New York, 1936. 
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metastable phase can usually be prepared by electrodeposition. 
This is true of y manganese, 1 y chromium, 2 cobalt, 3 and anti¬ 
mony 4 among others. It should follow that if allotropic forms 
of elements other than the transition elements are known, they 
should involve merely a different arrangement of atoms, not a 
difference in the size of the atoms. This is consistent with a 
recent X-ray analysis of a high temperature form of calcium. 
In the usual face-centered cubic form the radius of calcium is 
1.97 A. In the high temperature, body-centered cubic form, 6 
the calcium radius is 1.92 A, a contraction accounted for by the 
decrease in coordination number from 12 to 8. 

We may follow the comparison of interatomic distances farther 
into the Class II metals with considerable interest. In copper, 
silver, and gold the transition process is complete, and there are 
18 electrons in the outermost complete shell of the atom. We 
should therefore expect the interatomic distances to decrease in 
passing from copper to gallium, for example, inasmuch as the 
nuclear charge will be increasing, and (assuming normal ioniza¬ 
tion and the removal of all the valence electrons) the electronic 
structures of the ions will remain the same. The same should be 
true of the series silver to tin, and gold to lead. Consider the 
actual interatomic distances listed in Table 26. Why, for exam- 


Table 26.—Interatomic Distances in Certain B-Sxjboroup Elements 


Element 

Inter¬ 

atomic 

distance 

Element 

Inter¬ 

atomic 

distance 

Element 

Inter¬ 

atomic 

distance 

Copper. 

Zinc. 

Gallium. 

Germanium.. 

2.55 

2.67,2.92 

2.56 

2.44 

Silver. 

Cadmium. 

Indium. 

Tin: white. 

grey. 

2.88 

2.96,3.28 

3.24,3.33 

3.07,3.16 

2.80 

Gold. 

Mercury.. . . 
Thallium.... 
Lead. 

2.87 

2.99 

3.40 

3.48 


1 Persson, E., and E. Ohman, Nature , 124, 333 (1929). 

* Sasaki, K., and G. Sekito, Trans. Electrochem. Soc., 69, 437 (1931). 

* Krbsten, H., Physics, 2, 204 (1932). 

♦Stillwell, C. W., and L. F. Audrieth: J . Am. Chem. Soc. t 64, 472 
(1932); Cohen, Ernst, and C. C. Coffin, Z. physik. Chem ., A 149, 417 
(1930). 

* Graf, L., MetaUwirtschaft , 12, 649 (1933); Physik. Z., 86, 661 (1934). 
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pie, are the interatomic distances in cadmium, indium, and white 
tin greater than in silver, rather than less? 

It is quite evident that, if size is any indication of the state of 
ionization of an atom in the solid metal, then we must look for 
some sort of abnormal ionization of these atoms. Referring to 
Table 124, in the Appendix, it may be observed that when a 
group of 8 electrons is built up, all 8 are not equivalent, but are 
grouped, 2 and 6. The chemical properties of the ions of these 
elements indicate that as we go down in a given group, the 2 
electrons first added to the new shell are more stable, tending to 
remain with the inner 18 shell when the outer electrons split 
off. Thus, we know that in the case of lead (2-8-18-32-18-2-2) 
the divalent ion (2-8-18-32-18-2) is more stable than the tetra- 
valent ion (2-8-18-32-18), while for germanium (2-8-18-2-2) the 
tetravalent ion (2-8-18) is more common. It is within reason to 
assume, then, that instead of the normal ionization of these metals 
in the solid state, in the case of indium, thallium, white tin, and 
lead, 2 electrons of the outermost shell may remain with the 
atomic core, thus increasing its apparent size. The decreases 
in atomic distance from copper to germanium and from silver 
to grey tin are, of course, normal, because germanium and grey 
tin, having the diamond structure, are sharing their full quota 
of valence electrons with neighboring atoms, leaving atomic 
cores with eighteen electrons in the outer shell, as in copper and 
silver. 

Any explanation of the abnormally large atomic diameters of 
zinc, cadmium, and mercury is a little more uncertain. If it be 
assumed that the first 2 electrons of the outer shell are stable 
and remain associated with the next inner shell of 18 electrons, 
then no electrons would be free to give these elements metallic 
properties. Hume-Rothery has suggested that these metals are 
singly ionized. Although this seems, at first consideration, a 
rather far-fetched assumption, it does account for the larger atomic 
diameters and, as we shall see presently, for certain other prop¬ 
erties of these metals. 

Let us summarize briefly the foregoing discussion of the relation 
between atomic sizes and the corresponding atomic structures 
of the elements. Several important contributions have been 
made to our understanding of metals and the metallic state, viz,: 
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1 . There appears to be no fundamental difference between the 
metallic bond and the covalent or homopolar bond. 

2 . The state of ionization of the atoms in crystalline metals is 
suggested. In the first long period, potassium to copper, the 
number of electrons in the M shell may begin to increase from 
8 to 18 with the element chromium; whereas in the free atoms 
this transition period begins with scandium. This inference is 
questionable, as has already been pointed out. 

3. The interatomic distances for the crystalline metals of the 
B subgroups [and perhaps for aluminum (Class II metals)], 
suggest that most of them are incompletely ionized in the metallic 
state. 

4. A possible connection between allotropy and variable atomic 
diameters is offered, consistent with the known prevalence of 
allotropy among the transition elements. 

THE PROPERTIES OF METALS 

Metals are good conductors of heat and electricity. They are 
opaque and show a characteristic metallic luster. They are 
ductile and malleable, rather than brittle. These are the prop¬ 
erties of the Class I elements of Table 25. A pure metal crystal, 
when stressed, yields not by cleavage but by the formation of 
glide planes in which layers of atoms can slip over one another 
with very little loss of energy. As we pass from left to right 
in this periodic chart the metallic properties of the elements 
decrease. For example, in the series copper, zinc, gallium, ger¬ 
manium, the conductivity decreases and the brittleness increases. 
White tiii has many metallic properties, although it is not one 
of the better conductors of electricity and it is quite brittle. 
Decided differences in properties are to be expected between the 
elements in different classes, since the types of bonds involved 
are different. There are also significant variations in properties 
to be found among the true metals of Class I. 

Electrical and Thermal Conductivity.—It is generally believed 
that metals conduct the electric current by means of the move¬ 
ment of electrons. Slater has recently demonstrated by wave 
mechanical calculations 1 that without free electrons no conduc¬ 
tion is possible. His calculations, however, suggest that the 

1 Slater, J. C., Phys. Rev., 36, 57 (1930). 
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number of free electrons may be quite small compared with the 
number of atoms. 

The wave mechanics imply that in a perfectly periodic lattice, 
a beam of electrons moving in a given direction will continue 



- Rb Sr Y ZrCb Mo Ma Ru Rh Pd Ag Cd In Sn 

- Cs Ra La tif Ta W Re Os Ir Pt Au Hg Tl Pb 

Fio. 20.—(a) Atomic conductivities of the metals. ( b ) Melting points of the 
metals. (By permission of the Journal of Chemical Education.) 

indefinitely, without resistance. Lack of this perfection results 
in scattering of electrons and the building up of resistance. 
Loss of periodicity may result from (1) displacement due to 
thermal agitation, (2) presence of impurities, (3) change to liquid 
or amorphous state. 
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In Fig. 20 1 are plotted the atomic conductivities of the Class I 
and Class II metals. The Class I metals end at the vertical line 
drawn toward the right of the chart. The picture is entirely 
consistent with our conception of the metallic state. The best 
conductors are those metals whose valence electrons have the 
greatest mobility, the greatest freedom to carry the current. 
This is true of those which have only one valence electron, and 
the data show unmistakably that the univalent metals are the 
best conductors. The conductivities of divalent metals, whose 
two electrons are more closely associated with the atomic core, 
decrease sharply. This has been attributed to the smaller 
effective number of free electrons in the bivalent metals. 2 Con¬ 
ductivities probably decrease further for the trivalent metals, 
although, with the exception of the abnormal aluminum, they 
have not been determined. 

It is interesting to note that the fourth group metals, titanium, 
zirconium, and hafnium are rather poor conductors. Though 
they have close-packed hexagonal structures and are classed with 
the true metals, they retain a strong resemblance to the homo- 
polar members of Group IV (carbon, silicon, and germanium) and 
it is impossible to avoid the suspicion that here, there are homo- 


Table 27.—Specific Resistances (Ohms per Centimeter at 20°C.) of 
the Fourth Group Elements* 

Silicon. 85 X 10~ 3 

Germanium. 89 X 10~ 3 

Titanium. 355 X 10“ e 

Zirconium. 170 X 10“* 

Hafnium. 35.7 X 10"« 

Copper. 1.69 X 10~ 6 

* From Htjme-Rothkry, William, “The Metallic State,” p. 2, Oxford, Clarendon Press, 
New York, 1931. 


polar forces holding sway. 

1 Stillwell, C. W., J. Chem. Education , 10, 670 (1933). The specific 
conductivities of the metals are not very useful for comparison since they 
involve equal volumes rather than equal numbers of atoms. For derivation 
of the term plotted in Fig. 20, viz., atomic conductivity—see William 
Humb-Rothert, “The Metallic State,” p. 4, Oxford, Clarendon Press, 
New York, 1931. 

* Mott, N. F., Proc. Phya. Soc. {London), 46, 680 (1934). 
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Of greater significance is the fact that germanium and titanium 
show negative temperature coefficients at low temperatures, and 
with an increase in temperature their resistances pass through a 
minimum. This phenomenon of minimum resistance is usually 
assumed to indicate the presence of homopolar bonds (see page 
70 ). On the basis of structure we have made a sharp distinction 
between the homopolar diamond structure of silicon and ger¬ 
manium and the metallic close-packed hexagonal structure of 
titanium, zirconium, and hafnium; but although there is a dis¬ 
tinct break between germanium and titanium, as shown by the 
data in Table 27, the last three are more resistant than most of 
the metals. These data suggest, again, that there is no funda¬ 
mental difference between the metallic and homopolar bond. 
The wave mechanical zone theory says simply that in going 
down a group in the periodic table the atomic states become 
more closely spaced and the overlapping of energy bands becomes 
more pronounced. 

The “ups and downs” in conductivity from vanadium (colum- 
bium and tantalum) through nickel (palladium and platinum) 
are probably due to the variable number of electrons in the outer 
shell of these transition elements and, being familiar with their 
electronic structures, we should expect the conductivities to be 
more or less the same. Conductivities are low, possibly because 
the incomplete d shells give rise to greater scattering. At 
copper, silver, and gold the transition period comes to an end 
and these three have only one electron in the outer shell. They 
are therefore more or less comparable to the alkali metals in 
conductivity. 

In passing across the line to the Class II metals, the conduc¬ 
tivity data are not readily interpreted. These are abnormal 
structures and the atoms may be only partially ionized. 

Aluminum stands out on the chart as an exception to the gen¬ 
eral trend. Its conductivity is actually greater than that of mag¬ 
nesium. This is entirely in accord with the assumption, made 
on the basis of an abnormally large interatomic distance, that 
aluminum may be only singly ionized in the metallic state. Other 
properties of aluminum will bear this out. 

Although the details are Undeveloped and beyond the scope 
of this book, it is a matter of great interest that, with the develop- 
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ment of a technique for growing large single crystals of metals, it 
has been found that the resistance of a given metal differs along 
different crystallographic axes. 1 

Conductivity and other properties of metals are affected, not 
only by temperature, but also by small amounts of impurities, 2 by 
internal strains, tension and compression, and by deformation. 
These factors may have an unexpectedly strong influence. It is 
therefore very difficult to obtain truly comparable conductivity 
data for the metals and any attempt to systematize such data is 
made just so much more difficult and unsatisfactory. 

Superconductivity. —Ordinarily, as has been pointed out, the 
resistance of a metal decreases as its temperature decreases. In 
some metals, when the temperature reaches a very low value, say 
4°K., the resistance practically vanishes. Such metals are said 
to be superconducting. The real significance of this phenomenon 
is not understood. Some think it occurs at the point where 
traces of impurities are frozen out of the metals since it is known 
that minute quantities of impurities often cause a marked increase 
in resistance. It is true that the elements which exhibit super¬ 
conductivity are those whose dissolving powers are relatively 
low (lead, mercury, tin, indium, thallium, gallium, thorium, etc.). 
Kapitza 3 has proposed that the resistance of all metals is the 
sum of two additive terms: One decreases with temperature and 
vanishes near absolute zero; the other is independent of tempera¬ 
ture, constant for any single specimen, but a function of lattice 
distortion as caused by strain or impurities. He suggests that 
all metals might be superconductors if they could be obtained 
absolutely pure and free of strain and this is consistent with 
the known conditions for maximum conductivity. It has been 

1 For greater detail on this point and on all other thermal and electrical 
properties of metals discussed in these pages, see ibid., and Mott, N. F., 
and H. Jones, “ Theory of the Properties of Metals and Alloys," Oxford 
University Press, New York, 1936. 

* Two-tenth per cent of antimony in tellurium, for example, increases the 
conductivity of the latter a hundred-fold. Cartwright and Haberpield, 
Nature , 134 , 287 (1934). The addition of antimony or any similar element 
to a true metal, on the other hand, usually reduces the conductivity of the 
latter markedly. 

3 Kapitza, P., Proc. Roy. Soc. (London ) % , 123 , 292 (1929). 
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observed that superconducting metals are badly cracked but 
very pure. Slater suggests 1 that by the application of perturba¬ 
tion theory to Bloch’s theory it may be possible to account for 
lack of superconductivity in the alkalies and copper, silver, and 
gold; while superconductivity at extremely low temperatures 
might be predicted for the transition elements. 

It has also been shown that superconductivity may be a 
property of the crystal rather than of the atom. A bismuth-gold 
eutectic is superconducting, whereas gold and bismuth are not. 2 

Ferromagnetism. —The elementary magnetic particle is the 
spinning electron. The outer electrons of an atom are largely 
responsible for cohesion and conduction in the metallic state, but 
they probably cannot produce magnetism. Electrons with 
smaller orbits must be responsible. Slater has made some inter¬ 
esting calculations which suggest, at least, that certain inner 
electrons of iron, cobalt, and nickel are in the best position to 
cause ferromagnetism, and these are the only elements which are 
ferromagnetic. 3 They conform to a certain limiting ratio 
between the diameter of the atom and the diameter of the incom¬ 
plete electron shell. In a magnetic field, electrons may be paral¬ 
lel to or opposite to the field but not at any other angles. The 
band for 3d electrons is subdivided into two identical bands, one 
for each orientation, and each can hold five electrons. Thus iron, 
having 7.3, 3d electrons will have five in one band and 2.3 in the 
other, with a magnetic moment of 2.7 (5-2.3). Cobalt, having 
8.3, 3d electrons, will have a magnetic moment of 1.7 (5-3.3). 
The magnetic moment of nickel (9.4, 3d electrons) is only 0.6; 
while that of copper with 10, 3d electrons is zero. 4 * 

A very interesting elementary discussion of ferromagnetic 
theory has been given by Bozorth 6 in which is described the 
dependence of magnetism upon temperature, crystallographic 
direction, the orientation of crystal grains in rolled metals, 
strains, heat treatments, and the like. 

1 Slater, J. C., Phys. Rev., 51, 195 (1937). 

8 De Haas, W. J., Nature , 213, 130 (1929). 

8 Slater, J. C., Phys. Rev., 36, 57 (1930). 

4 Slater, J. C., J. Applied Phys., 8 , 385 (1937). 

•^BbzoRTH, R. M., Elec. Eng u 54, 1251 (1935). 
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Thermal Conductivity .—It is a familiar fact, and a very impor¬ 
tant one from the industrial standpoint, that metals are notably 
good conductors of heat. Were it not for this fact, modem 
power development by steam and the internal combustion engine 
would be impossible. 

The mechanism of thermal conductivity is not so well under¬ 
stood as that of electrical conductivity, and it is impossible to 
make any satisfactory generalizations concerning this property. 
The Wiedemann-Franz law states that at ordinary temperatures 
the ratio of the thermal and electrical conductivities is constant 
for all metals. This law is approximately true. The noble 
metals, copper, silver, and gold, have the highest thermal con¬ 
ductivities and, of the three, silver is highest, a further indica¬ 
tion, perhaps, that it is the most consistently univalent of the 
three. The aluminum kitchenware salesman will point out that 
aluminum has a high thermal conductivity. It is exceptionally 
high, greater than all the univalent alkali metals and exceeded 
only by copper, silver, and gold. This suggests again that it 
may be a univalent element in the metallic state. 

Melting Points—Strength.—If weak electrons, weakly held, 
make for maximum conductivity, both electrical and thermal, in 
metals, they would also be expected to produce the weakest 
crystals. It is interesting, therefore, to consider the melting 
points of the metals plotted in Fig. 206. Although there are 
intermediate variations which are not explained by our simple 
picture of a metal, in general, the poorest conductors of electricity 
are the stronger crystals. The one electron of the alkali metal 
is comparatively free to transfer heat or electricity and its mobil¬ 
ity weakens the crystalline structure; the four electrons of tita¬ 
nium are not able to break away from the parent atom so 
completely and a much stronger crystal results. Tungsten has 
the highest melting point of any of the metals. Seitz and John¬ 
son 1 point out that according to the zone theory as the number 
of valence electrons increases, cohesion should increase until the 
depressed zones, the s and d states, are filled. Then, as addi¬ 
tional valence electrons are added, cohesion may be expected to 
decrease again. Thus, in the second series, iron with eight 

1 Seitz, Frederick, and R. P. Johnson, J . Applied Phys 8, 84 (1937). 
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electrons has the highest melting point and in the fourth series, 
tungsten with six. 

The melting points of zinc, cadmium, mercury, gallium, indium, 
thallium, white tin, and lead are abnormally low. Thus in the 
A subgroups of the periodic table the melting points rise in pass¬ 
ing from Group I to Group IV, while in the B subgroups the reverse 
is true. This contributes further to the accumulating evidence 
in favor of an abnormal ionization of these metals. If they are 
actually univalent or divalent in the metallic state, their melting 
points are more in line with expectations. Again, aluminum is 
to be particularly observed. We have seen that the conductivity 
of aluminum is greater than expected, and it follows that the 
metal should be abnormally weak and have a low melting point, 
as it has. 

Additional circumstantial evidence has been amassed by 
Hume-Rothery which indicates abnormal ionization of these B 
subgroup elements and of aluminum. The electrode potentials 
of some of the Group I and Group II metals are shown in Table 28. 1 


Table 28.— Electrode Potentials of Group I and Group II Metals, 

in Volts 



I 

II 

III 

IV 

A 

Sodium. 

Potassium.. 

2.71 

2.92 

Magnesium. 1.49 
Calcium.... 2.5 

Aluminum.. 

. 1.4 


B 

Copper. 

Silver. 

3 3 

© o 
i 1 

Zinc. 0.76 

Cadmium... 0.40 



Tin.. 0.14 


Those of Group IIA are lower than those of Group I A, but 
those of Group ILB are higher than the metals of Group LB. If 
the ionization were normal throughout, the direction of change 
should be the same in both cases. 

The minimum frequency required to produce a photoelectric 
effect is decidedly larger for the alkaline earths than for the 
alkalies, t.e., it takes more energy to excite the electrons in a 
divalent metal than in a univalent metal. This is in keeping 

1 Hum»-Rothbry, William, “The Metallic State,” p. 158, Oxford, 
Clarendon Press, New York, 1931. 
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with the comparisons of other metallic properties which have 
been made. But there is no significant difference in the fre¬ 
quencies for the metals copper, silver, zinc, and cadmium, suggest¬ 
ing that they may all exist in the crystalline state as univalent 
ions. It is of particular interest to find that aluminum is defi¬ 
nitely grouped with the alkali metals as regards its minimum 
emission frequency, which may be accepted as further evidence 
of a univalent aluminum ion in the metallic state. 

The relatively low melting points of the Class III elements, 
except the homopolar carbon, silicon, and germanium, are due, of 
course to the failure of the weak bonds between layers (in arsenic, 
antimony, and bismuth), between chains (in selenium and tel¬ 
lurium), or between molecules (iodine). 

Tensile Strength, Hardness, Ductility. The Mosaic Struc¬ 
ture of Crystals.—The theory of the mosaic structure 1 of crystals 
has recently been proposed by Zwicky 2 and by Smekal 3 to account 
for a great many characteristic properties of real crystals in 
general. It has long been supposed, for example, that the actual 
strength of a rock salt crystal (0.2 kg. per square millimeter) 
is only a small fraction of the calculated strength (200 kg. per 
square millimeter). Zwicky has suggested that cracks form in a 
growing crystal, spaced about 100 A apart in all three crystal¬ 
lographic directions, to form a permanent secondary structure 
in the real crystal—blocks about 100 A on a side, which may be 
pulled apart with comparative ease. As an alternative Zwicky 
proposed that there is a secondary structure superimposed on 
the ideal, not through discontinuous blocks, but because every 
nth plane of the lattice has a higher electron density than the 
other planes. Smekal’s mosaic structure is a block formation. 

The proponents of the mosaic structure explain abnormal 
electrical conductivities of crystals, plastic flow, and the harden¬ 
ing of metals and alloys by cold working. Slippage is assumed 

1 See Gibbs, R. E., Science Progress, 29, 661 (1935) for a very readable 
account. For a detailed discussion of real crystals see: Report of the 
International Conference on Physics on “The Solid State of Matter”; The 
Physical Society, London, 1935; also, Z. Krist., 89, 193-415 (1934). 

* Zwicky, F., Proc. Nat. Acad. Set ., 15, 253, 816 (1929); 17, 574 (1931); 
Phys. Rev., 88, 1772 (1931); 40, 63 (1932); 48, 370 (1933); Mech. Eng., 55, 
427 (1933); Rev. Modern Phys., 6, 193 (1934). 

* Smekal, Adolf, Phys. Rev., 44, 308 (1933); Z. Krist., 89, 386 (1934). 
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to occur along the weak planes in which the atoms are most 
concentrated and in the amorphous state (Zwicky), or in crevices 
which separate the blocks. 

It must be emphasized that there is no direct evidence of the 
existence of this secondary, or mosaic structure. It is entirely a 
theoretical picture which is said to account for many supposed 
peculiarities of real crystals. There are many who feel that this 
theory is not necessary to explain these properties and that the 
significance of this indirect evidence has been exaggerated. 

Recently Buckley 1 has refuted the theory in detail. He points 
to the work of Joffe, 2 suggesting that the asterism of a Laue 
pattern produced by a strained single crystal and abnormal 
electrical conductivities 3 are not necessarily due to a mosaic 
structure. Joffe 4 has also found that the actual tensile strength 
of rock salt crystals from which the obvious surface imperfections 
have been removed is of the same order of magnitude (70 to 
160 kg. per square millimeter) as the calculated strength. It 
appears, then, that no surface striations or crevices, or figures 
of any kind, can logically be accepted as evidence of a secondary 
structure throughout the crystal. In short, much of the experi¬ 
mental data upon which the mosaic structure is postulated is, at 
best, ambiguous and subject to misinterpretation. Buckley also 
offers additional data which suggest that the large majority of 
actual crystals are without a secondary structure. 

For example, crystals may be grown as thin plates or hairs 
with linear dimensions less than those of the proposed mosaic 
blocks. 5 6 

Buergercarries the matter even farther. He believes that the 
data assumed to support the theory of a mosaic structure, par¬ 
ticularly the observations of single crystals of bismuth “are 
really misinterpreted, well-understood phenomena; the theory 
itself is not in harmony with crystal phenomena, is internally 
inconsistent, and its theoretical prediction is based on a fallacy.” 

1 Buckley, H. E., Z . Krist., 89, 211 (1934). 

2 Joffe, A., and M. V. Kirpetcheva, Phil . Mag., 43, 204 (1922). 

* Joffe, A., Trans. Faraday Soc., 24, 65 (1928). 

4 Joffe, A., and M. Levitskii, Z. Physik, 35, 442 (1926). 

6 Bernal, J. D., Ann. Repts. {London), 32, 190 (1935). 

6 Buerger, M. J., Z. Krist., 89, 242 (1934). 
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* r At present, this whole subject is highly controversial. It 
seems fairly evident that crystals do grow with imperfections, but 
the nature of these imperfections is speculative. Buerger has 
proposed a so-called “lineage structure”—an imperfect but con¬ 
tinuous growth from dendrites which appears very promising. 

Tensile Strength, Hardness. —It is customary to consider the 
hardness or tensile strength of a crystal as a measure of its 
strength, and one would therefore expect these properties of 
metals to vary in the same regular manner as do the melting 
points. There is a general agreement in that the low melting 
metals are soft and exhibit low tensile strength, as the data of 
Table 29 will show. It is unwise to carry the analogy too far, 


Table 29.— Tensile Strength, Hardness, and Melting Points of 

Common Metals* 


Metals 

Tensile strength, 
lb. per square inch 

Hardness, 

Moh 

Melting 
point, °C. 

Iron, hard drawn. 

80,000-100,000 
30,000- 40,000 
33,000 

4—5 

1530 

Aluminum, wire. 

2 

658 

Magnesium, drawn. 


651 

Gold, wire. 

20,000 

42,000 

60,000- 70,000 
2,600- 3,300 
4,000- 5,000 
590,000 

155,000 

2.5-3 

1063 

Silver, wire. 

2.5-3 

960 

Copper, wire. 

2.5-3 

1080 

Lead, drawn. 

1.5 

327 

Tin, drawn. 

1.5 

232 

Tungsten, drawn. 

3400 

Nickel, drawn. 


1452 




•“Handbook of Physics and Chemistry,” Chemical Rubber Publishing Company, New 
York, 1931. 


however, because tensile strength and hardness may be greatly 
influenced by the manner of working of the metal, 1 and it is 
difficult to obtain comparative data even for metals which have 
all been treated the same way. 

Ductility .—The ductility of metals Is apparently closely related 
to their crystal structures as well as to their electronic structures. 
A truly metallic crystal yields by the formation of glide planes in 
which layers of atoms apparently slip over each other with little 

1 The above figures are all for wire, cold drawn. These are much higher 
than the figures for castings of the same metals. 
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loss of energy. In this respect they differ from ionic or homopolar 
crystals which yield by cleavage or fracture. Bernal 1 has sug¬ 
gested that an absolutely pure metal might lose no energy at all 
when gliding, its behavior being identical with that of a liquid 
except that its atoms are regularly ordered. The electronic 
energy of true metals appears to be a function of the volume of 
the unit cell rather than its shape. Hence a deformation can 
occur with a very small change in energy. It has long been 
known that metals, like liquids, exhibit surface tension. Gold 
leaflets, heated to 850°C. (melting point 1063°C.) on a silver 
plate become spherical. Metallic crystals form dendrites, but 
the edges are rounded, a manifestation of surface tension. (The 
edges of crystals of true metallic compounds are sharp.) The 
surface tension of molten metals has been measured and some are 
listed in Table 30. Possibly the same order of surface tension 
values is retained in the solids, because it has been observed that 
the higher the surface tension of the liquid metal, the more 
rounded are the corners of the solid dendrites. 2 It may be seen 


Table 30.— Surface Tensions of Molten Metals 


■ 

Metal 

Temperature, 

°C. 

Dynes per 
centimeter 

Copper. 

1120 

1128 

Gold. 

1131 

1103 

Silver. 

998 

923 

Zinc. 

419 

758 

Cadmium. 

320 

630 

Tin. 

232 

526 

Mercury. 

20 

465 

Lead. 

327 

452 

Bismuth. 

269 

378 

Antimony. 

640 

350 


that the most metallic elements have the highest surface tensions. 
This circumstantial evidence further justifies the analogy we have 
assumed between the behavior of metals and liquids under stress. 

1 Bernal, J. D., Trans . Faraday Soc. y 25, 367 (1929). 

* Dbsch, C. H., “The Chemistry of Solids,” Cayuga Press, Ithaca, N. Y., 
1934. 
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Now, in keeping with the assumption that metals yield along 
glide planes in which layers of atoms slip over each other, we 
find that those metals whose crystal structures afford the greatest 
number of closely packed planes of flow are the most ductile 
and harden more readily by cold working. All the true metals 
are close-packed structures, but of these, the face-centered cubic 
has the greatest possible number of planes, and metals with the 
face-centered cubic structure are, as a rule, more ductile. 

When a metal does give along close-packed planes of atoms, 
these planes are gradually disrupted. Continued cold working 
of a metal, then, produces distortion and a resistance to stress is 
gradually built up in the crystal, making it harder and less duc¬ 
tile. 1 It has been proposed that excessive cold working may 
actually convert a metal from the crystalline to the amorphous 
state. 2 Although this theory explains many metallurgical facts, 
there have not been, until recently, experimental data to support 
it. It should be possible, by reducing a metal to a very fine wire, 
to convert it entirely into this amorphous state, but this has 
never been accomplished. The results of electron diffraction 
experiments now appear to support the theory. It has been 
reported that a highly polished metal surface gives no evidence 
of the known crystalline structure of the metal. 3 Although 
Kirchner 4 and Germer 5 have attributed this to a mere flattening 
of the surface, the majority opinion is in favor of the amorphous 
layer. 

Color.—The color of a crystal is due to the effect of the elec¬ 
trons vibrating within it. Thus, a blue crystal appears blue 
because the frequency of vibration of the electrons is such that 
all the wave lengths of light complementary to blue are absorbed 
passing through the crystal. In a black substance such as char¬ 
coal the electrons are held with varying degrees of firmness, sup- 

1 See a recent theoretical discussion by G. I. Taylor, Proc. Roy . Soc . 
(London), A 146, 362, 388 (1934). 

a Beilby, G. T., Proc. Roy. Soc. (London), 72, 218 (1903). 

a Thompson, G. P., “Wave Mechanics of Free Electrons,” p. 158, Cornell 
University Press, Ithaca, N. Y.; French, R. C., Nature, 129, 169 (1932); 
Darbyshire, J. A., and K. R. Dixit, Phil. Mag., 12, 961 (1933); Ralther, 
Z. Physik, 86, 82 (1933). 

4 Kirchner, F., Nature , 129, 545 (1932). 

* Germer, L. H., Phys. Rev., 43, 724 (1933). 
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posedly, so that all light is absorbed. In most metals the 
electrons absorb all frequencies, but they immediately radiate 
them all again, owing to the behavior of the relatively mobile 
electrons of the metallic bond. This gives rise to the familiar 
metallic luster. The metallic luster of arsenic, antimony, bis¬ 
muth, selenium, and tellurium gives reason for believing that 
some of the bonds in these elements must be metallic. It is a 
strange coincidence that the only colored metals, gold and copper, 
are also unique in that they frequently occur in valences higher 
than their location in Group I of the periodic table would seem 
to permit. The color of these metals has been attributed to the 
instability of their atomic cores, the possibility not only of mobile 
electrons, a characteristic of all metals, but of a varying number 
of these electrons. 1 

Carbon is an unusual case. In diamond all the electrons are 
firmly held in homopolar bonds and no color is absorbed. In the 
graphite layer lattice, there are some “metallic” electrons form¬ 
ing part of the interlayer load which are unshared and are prob¬ 
ably responsible for the metallic luster of graphite as well as for 
its other metallic properties. 

1 Dehlinger, U., Z. Eleklrochem 38, 148 (1932). 



CHAPTER IV 


THE NATURE OF ALLOYS 

Civilization has passed through a Stone Age, a Bronze Age, 
and an Iron Age and is, at present, entering the Age of Alloys. 
Although bronze, one of the most useful of alloys, was known to 
the ancients, they did not understand it as alloys are understood 
today. With our increasing knowledge of the fundamental 
nature of alloys, it is to be expected that eventually they will be 
modified or developed to meet practically all of the demands of 
modern industry. 

Any discussion of the crystal chemistry of alloys, even though 
it be limited to the binary systems, must be undertaken with 
extreme caution, for the metallic state is still not thoroughly 
understood. Furthermore, of the three thousand odd possible 
binary alloy systems, only one or two hundred have been studied 
by X rays and many of these incompletely. Most of the sys¬ 
tematic work has been done on the low melting binary alloys, 
copper, silver, or gold, with aluminum or one of the abnormal 
metals of the B subgroups. Alloy systems of the transition 
metals, except steels, have hardly been touched, and the prop¬ 
erties of the alkali and alkaline earth alloys are not well 
known. 

While it is our purpose to correlate crystal structure data and 
attempt to develop therefrom a systematized crystal chemistry 
of alloys, it must be emphasized that many of the generalizations 
proposed are based on fragmentary data and on alloys limited to a 
special area in the periodic table. These are the first words of 
an infant science of metals, and not the authoritative generaliza¬ 
tions based on thorough knowledge of the subject. Further 
development of the crystal chemistry of alloys awaits the accumu¬ 
lation of accurate experimental data; and conclusions drawn 
now will no doubt be altered profoundly as additional data reveal 
a more complete picture of alloys. 
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THE FORMATION OF ALLOYS 

Alloy systems of two or more metals may be prepared in a 
number of ways. They are usually made by melting the 
metal which is to be present in largest proportion, add¬ 
ing to it the other metals and allowing the resulting melt to 
solidify. When this takes place, one (or two) of three things 
may happen: 

1. The two metals may crystallize independently. The alloy 
will consist of an intimate mixture of the two crystal forms. Its 
electrical and thermal properties are apt to be the average of 
those of the two constituents. 

2. The metals may form solid solutions. 

3. The metals may form intermediate phases. 1 These may 
be formed either by two metals which are immiscible, or which 
are mutually soluble in the solid state. 

Alloys may also be formed by the diffusion of one solid metal 
into another; or of a molten metal into a solid metal; or by press¬ 
ing the powdered constituents of an alloy together and sintering 
at suitable temperatures. 

The simultaneous electrodeposition of two or more metals 
forms an alloy. The same solid solutions and intermediate 
phases are to be found as occur in thermal alloys of the same 
compositions. 2 It is true that the conditions underwhich electro¬ 
plating is carried out do have minor effects on the nature of the 
deposit. For example, an alloy deposited at low current density 
is, as might be expected, more structurally homogeneous than one 
deposited at high current density. 3 The electrodeposition of an 
alloy of a given type can be very useful from a commercial stand¬ 
point, for advantage can be taken of the marked difference in 
properties of solid solutions and intermediate phases, which will 
be discussed later. 

1 At present there is no general agreement as to the criteria for an inter- 
metallic compound; and the use of the general term “intermediate phase' 1 
to include all alloy phases other than primary solid solutions is convenient. 

* Nakamura., Hazine, Set. Papers Inst. Phys. Chem. Res, {Tokyo), 2, 
287 (1925). Stillwell, C. W., and L. E. Stout, J. Am. Chem. Soc. t 54, 
2583 (1932). 

a Stillwell, C. W., and H. I, Feinberg, J. Am. Chem. Soc. t 55, 1864 
(1933). 
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Alloys are also modified by corrosion. When an alloy is 
corroded, the more active of the two metals may dissolve, leaving 
a new alloy richer in the less active metal. This new alloy will 
have the same structural characteristics as a thermal alloy of the 
same composition. Thus, copper may be dissolved from a solid 
solution of copper in gold, leaving, not pure gold, but a solid 
solution, richer in gold than was the original; 1 or zinc may be 
dissolved from an intermediate phase of copper and zinc, leav¬ 
ing, not pure copper, but another phase with a different crystal 
structure, containing more copper than the original. 2 A more 
complete understanding of the effect of corrosion on the structure 
of alloys should be of considerable practical value in a funda¬ 
mental attack on this important problem. 

An alloy may also be modified by vaporization, for the removal 
of zinc from a copper-zinc alloy in this manner produces the same 
structural changes as does its removal by corrosion. 

SOLID SOLUTIONS 

A solid solution is homogeneous and its composition may vary 
within certain limits. In this respect it is like any other solution. 
Let us consider it from the standpoint of crystal structure. 

Primary Substitutional Solid Solutions.—Nic kel may be dis¬ 
solved in copper, forming a solid solution. During this process 
the nickel atoms replace copper atoms in the face-centered cubic 
copper lattice. Inasmuch as nickel atoms also tend to form a 
face-centered cubic lattice, the replacement may proceed con¬ 
tinuously, with no change in the crystal structure, until all of 
the copper atoms have been replaced by nickel. There will, of 
course, be a change in the size of the unit cell of the crystal com¬ 
mensurate with the sizes of the atoms. Nickel and copper are 
said to form a continuous series of solid solutions. 

Chromium may be dissolved in nickel, forming a solid solution. 
During this process the chromium atoms replace nickel atoms in 
the face-centered cubic nickel lattice. When approximately 
35 per cent of the lattice points have been filled by chromium 

1 Graf, L., Metallwirtschaft , 11, 77 (1932). 

* Stillwell, C. W., and E. S. Turnipseed, Ind. Eng. Chem., 26, 740 
(1934). 
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atoms, the nickel lattice cannot accept any more chromium. It 
is convenient to say that, at this point, nickel (the solvent) is 
saturated with chromium (the solute). If any more chromium 
is added, a second crystal structure appears, the body-centered 
cubic form of chromium, in which about 2 per cent of the lattice 
points are occupied by nickel atoms. At intermediate concen¬ 
trations, then, two immiscible phases coexist at room tempera¬ 
ture; a saturated solid solution of nickel in chromium, and a 
saturated solid solution of chromium in nickel. 

In a solid solution, the solute atoms usually are distributed at 
random in the solvent lattice. In the nickel-chromium solid 
solution, 35 per cent of the nickel lattice positions are occupied 
by chromium atoms, but there is no regularity of arrangement 
of these atoms. In many solid solutions, e.g ., Cu-Au and Fe-Al, 
the arrangement is completely random above a definite critical 
temperature and as the temperature is lowered the atoms become 
rearranged in a definite order at the critical temperature. 1 

What are the rules, if any, governing solid solution formation? 
When will metals be miscible in the solid state, and to what 
extent? Can the degree of solid solubility be predicted for a 
given pair? The formulation of rules giving the answers to 
these questions is a difficult one wffiich has been only partially 
successful. 

Pertinent facts relating to alloy formation are summarized in 
Chart A, following page 424. By arranging ail of the elements in 
the same order away from the origin, both horizontally and 
vertically, a space is provided on the chart for each possible 
binary system. First from the origin are those elements with 
the typical metallic structure, the Class I (see Table 25) metals. 
Following these are the Class II (abnormal) metals, still pre¬ 
dominantly metallic in structure and properties. Further to 
the right (and nearest the top), are the nonmetallic, electro¬ 
negative elements. With this arrangement of coordinates, the 
binary systems group themselves naturally in three classes. The 
alloys, the majority of winch are systems of two electropositive 
elements, are to be found on the chart in Zones I, II, III, IV, V, 
(VI, VII). 


1 See discussion on p. 151. 
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The alloy region has been designed to show, as far as possible, 
the conditions under which two metals in the solid state will be 
completely miscible, mutually soluble, partly soluble, immiscible; 1 
or when they may be expected to form intermediate phases or 
superstructures. When these characteristics of each individual 
alloy have been recorded on the chart, four rather well-defined 
zones—areas in which all the systems possess similar properties— 
are apparent. 

1. In Zone I, including pairs of the alkali and alkaline earth 
metals, the metals are generally immiscible but may form inter¬ 
mediate phases. 

2. At the other extreme are the alloys of Zone IV, the eighth 
group transition elements and the noble metals. Complete 
miscibility predominates in Zone IV; there is almost no tendency 
toward intermediate phase formation other than superstructures 2 
most of which are to be found in this zone. When the metals are 
not completely miscible, they are at least mutually soluble, with 
the exception of silver, and, to some extent, copper. 

3. Zones II and III are intermediate in regard to the types 
of alloys they include. The little evidence available suggests 
that the tendency for solid solubility decreases in going from 
Zone IV to Zone I, while the chances for intermediate phase 
formation seem to be greatest in the two intermediate zones. 

4. All but a small corner of Zone V includes alloys of a true 
metal (Class I) with an abnormal (Class II) metal. It is apparent 
that under these conditions there is a marked decrease in solid 
solubility. A minority of metal pairs are mutually soluble to a 
limited extent. They are apt to be immiscible, or nearly so, or 
there is a range of solid solubility of the abnormal metal in the 
true metal lattice. In Zone V intermediate phases predominate. 
The chance for their formation seems to be about 10 to 1. 

The chart affords a fairly complete bird's-eye view of the facts 
with which one must reckon in any attempted generalization 
regarding alloy formation. Before reaching any generalization 
it is necessary to determine the factors which influence solid 

1 Absolute immiscibility of two metals in the solid state is rather unlikely. 
It is most likely that there are always a few atoms of metal A which dissolvo 
in metal B and vice versa. The term “ immiscible,” as used here, is relative. 

1 See p. 151. 
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solubility and the nature of the intermediate phases in an alloy. 
For the present we are concerned chiefly with the possibility of 
solid solution. 

Hume-Rothery and coworkers have considered systematically 
the relation between atomic sizes and the solid solution limits 
for a number of alloys of copper and silver with the other 
elements. 1 

The influence of the size factor upon solid solution formation is 
illustrated in Fig. 21. The atomic diameters are plotted ver- 



K . M. Channel-Evans; Trans. Roy. Soc. (London), A233, 1 ( 1934 ), by permission 
of the Royal Society.] 

tically. Of course, in many metallic lattices, atoms may have 
two or more sets of neighbors at different distances in the crystal. 
In the figure the atomic diameter is considered as the closest 
distance of approach. For those atoms which are thought to be 
incompletely ionized in the metallic state, two values are given 
in the figure. The diameter of the completely ionized atom is 
probably more important in connection with solid solutions in 
silver and copper, and this has been estimated as 0.3 A less than 
the diameter of the partially ionized metal. 

1 Hume-Rothery, William, G. W. Mabbott, and K. M. Channel- 
Evans, Trans . Roy . Soc. (London) i A 233, 1 (1934); Hume-Rothery, 
William, “ The Structure of Metals and Alloys,” p. 52, The Institute of 
Metals, London, 1936. 
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A zone has been marked off with a width of 0.35 A from the 
atomic diameter of copper, representing a range of diameter 
13.8 per cent that of copper; a similar zone of favorable sizes is 
outlined for silver. It is proposed that metals whose diameters 
place them outside of these zones, dissolve only to a very limited 
extent in the solvent. Metals lying within the favorable zone 
dissolve rather readily, and the extent of their solubility is a 
function of the valence effects to be described. 

The overlapping of the two zones explains at once some appar¬ 
ent anomalies among solid Solutions. It is obvious, for example, 
why there should be such wide solid-solution ranges in the systems 
Cu-Zn, Ag-Zn, Ag-Cd, Ag-Hg, but not in the systems Cu-Cd 
and Cu-Hg. The diameter of zinc places it in the favorable zones 
for both copper and silver, while cadmium and mercury lie within 
the silver zone but outside of the copper zone. It might be 
predicted that Ag-Mg would form solid solutions while Cu-Mg 
would not, and this is actually the case. 

The influence of the size factor appears to apply also to solid 
solutions in which a divalent metal, typified by magnesium or 
iron, is the solvent. 1 In some cases, however, it is unwise to lay 
too much stress on the importance of relative atomic sizes. The 
systems silver-gold and silver-aluminum, for example, are very 
different structurally, although the atomic radii of gold and 
aluminum are identical. 

Metals do not always form extensive solid solutions even when 
the size factor is favorable. Evidence has been gradually 
accumulating which suggests that the electronic structures of the 
atoms involved play important roles in solid solution formation. 
Two metals with the same valence, are apt to be miscible in all 
proportions. On the other hand when a strong electropositive 
and a strong electronegative element alloy, they tend to form a 
stable compound at the expense of the solid solution. With 
copper and silver, the sixth group elements, sulfur, selenium, 
and tellurium form very limited solid solutions but very stable 
compounds. The increasing solid solubility with decreasing 
electronegativity of the solute is illustrated in Table 31. 2 

1 Ibid., p. 35. 

* Ibid., p. 56. 
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Because they are more electropositive, the alkali metals and 
magnesium form more restricted solid solutions with fourth, fifth, 
and sixth group elements than do copper and silver. 

Table 31. —Influence of Electronegativity of the Solute upon the 
Extent of Solid Solution* 


System 

Size factor 

Max. solid solubility of 
electronegative element, 
atomic per cent 

Cu-P 

Unfavorable 

2.3 + 

Cu-As 

Favorable 

6.2 + 

Cu-Sb 

Favorable 

5.5 + 

Cu-Si 

Favorable 

14.0 

Cu-Gc 

Favorable 

12.0 

Cu-Sn 

Border line 

9.26 

Ag-Sb 

Favorable 

7.0 

Ag-Bi 

Favorable 

2.9 in slowly cooled alloys 

Ag-Ge 

Favorable 

6-7 

Ag-Sn 

j Favorable 

12.2 


* Mertz, J. O., ami C. H. Mathewbon, Metal Technology, 3, 747 (1936), have recently 
reported approximately 6.5 atomic per cent As at 300-680°C.; 1 atomic per cent Sb at 
211°C. and 6 atomic per cent at 630°C\; 1.3 atomic per cent P at 300°C. and 3.6 atomic 
per cent at 700°C. 

That extensive solid solutions should be formed only when 
both metals are relatively electropositive is to be expected and is 
applicable to alloy systems in general. Only under such condi¬ 
tions does the metallic bond prevail; as one element becomes 
electronegative with respect to the other, the bonds become more 
strongly ionic or covalent and compound formation is favored. 

In binary systems with a favorable size factor the metal of 
lower valency is usually the better solvent. Thus, in their 
binary systems, copper and silver can generally dissolve more of 
the second metal than the latter can dissolve of silver or copper. 
Bernal 1 pointed out some years ago that the dissolving power of 
zinc is only about one-tenth that of copper, while that of aluminum 
is only one-twentieth that of copper. 

Solid Solubility .—Electronic factors which may define the 
extent of solid solubility in the copper and silver alloys studied by 
Hume-Rothery are of considerable interest. 

1 Bernal, J. D. f Trans. Faraday Soc 26, 371 (1929). 
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An inspection of the data in Table 32, for metal pairs in which 
the atomic size factors are favorable, shows rather strikingly that 
the maximum solid solubility in the primary solid solution corre¬ 
sponds approximately to a constant electron concentration of 
about 1.4. Stated differently, the maximum solid solubility is 
inversely proportional to the valence, i.e ., for solid solutions of 
cadmium, indium, or tin in silver, as the valence of the solute 


Table 32.—Electron Concentration in Saturated Solid Solutions* 


Alloy system 

Valence of 
solute 

Maximum solu¬ 
bility, atomic 
per cent 

Electron con¬ 
centration t 

Cu-Be 

2 

16.6 

1.166 

Cu-Zn 

2 

38.4 

1.384 

Cu-Al 

3 

20.38 

1.408 

Cu-Ga 

3 

20.3 

1.406 

Cu-Si 

4 

14.0 

1.42 

Cu-Ge 

4 

12.0 

1.36 

Cu-Sn 

4 

9.26 

1.27 

Ag-Cd 

2 

42.5 

1.425 

Ag-Zn 

2 

37.8 

1378 

Ag-Hg 

2 

35.0 

1.35 

Ag-In 

3 

20.0 

1.40 

Ag-Al 

3 

20.4 

1.408 

Ag-Ga 

3 

19.0 

1.38 

Ag-Sn 

4 

12.2 

1.366 


♦From Hume-Rothkby, William, G. W. Mabbott, and K. M. Channel-Evanb, Trans. 
Roy. Soc. C London), A 3S3, 37 (1934). 

tTbe electron concentration is calculated as follows: For an alloy containing 20 atomic 
per cent of A1 and 80 atomic per cent of Cu, (20 X 3) + (80 X 1) - 140 electrons. 140 
electrons/100 atoms ■» 1.4 electron/atom. 


increases, the concentration of the solute in the saturated solution 
decreases. But it has recently been shown 1 that for dilute solu¬ 
tions of cadmium, indium, tin, or antimony in silver, alloys of the 
same equi-valent composition have the same size unit cells; or, the 
initial expansion of the silver lattice produced by one atom of 
solute is proportional to the valence of the latter. These data 
appear to offer quantitative evidence of a relationship often 
assumed, as a result of qualitative observations, viz., the solu- 
1 Humb-Rothery, William, Nature , 185, 1038 (1935). 
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bility of a metal is inversely proportional to the extent of its 
alteration of the size of the solvent lattice. 

Again, warning must be given against unreserved acceptance 
of the implied importance of relative atomic sizes. Copper 
(1.275 A) and gold (1.439 A) are miscible in all proportions, while 
copper and silver (1.441 A) have only a very narrow solid solu¬ 
bility range. Doubtless the limit of solid solubility depends on 
the*nature of both the phases in equilibrium at this boundary. 
Solubility has recently been treated from the standpoint of the 
free energies of the phases involved, and it has been proposed 
that if the free energy curve has an inflection (as it does in the 
copper-silver system) then, solid solubility is incomplete; while, if 
there is no inflection in the curve (as in the copper-gold system), 
complete miscibility may be anticipated. 1 

In general, as the difference in atomic sizes increases, the value 
for the critical electron concentration falls. The atomic diam¬ 
eter of tin, on the edge of the copper zone, is only just favorable 
to solid solution, and the electron concentration falls to 1.27. In 
this discussion of intermediate phases, we shall find that in most 
of the copper and silver alloys a new phase appears at an elec¬ 
tron concentration of 1.5, and that the stability of the inter¬ 
mediate phases formed with other elements by either copper or 
silver seems to depend upon the valence electron-atom ratio. 

Fundamentally, of course, the limit of solid solubility is such 
that, below that concentration of solute metal, the free energy 
of the solid solution is lower than that of any two phases of that 
total composition which might exist, while above it the reverse 
is true. 

This critical electron concentration has been utilized to calcu¬ 
late the solid solubility limits in the ternary alloys shown in 
Table 33. These data imply that the equilibrium is essentially 
a question of electron concentration and that it is possible to 
dissolve the two solute metals in copper in any proportion so long 
as their combined effect does not increase the electron concentra¬ 
tion of the whole system beyond the critical value. A similar 
relationship has been observed in certain ternary intermediate 
phases and is discussed on page 130. The conception of a limit- 

1 Mott, N. F., and H. Jones, “Theory of the Properties of Metals and 
Alloys,“ Oxford University Press, New York, p. 27, 1936. 
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ing concentration in connection with solid solubility has an inter¬ 
esting bearing on this point. It is evident that it is possible to 
increase the concentration of electrons without breaking down 
the solvent copper or silver lattice. Consider silicon as solvent, 
however. Here the bonds are homopolar, electron-pair bonds 
and the substitution of univalent copper for silicon leaves insuffi¬ 
cient electrons to form these bonds. A very limited solubility of 
copper in silicon is to be expected, and is found. This same 


Table 33.— Electron Concentration in Saturated Ternary Solid 

Solutions* 


Composition of solid solution 

Atomic concentrate 
of solute 

Electron com 
centration 

Cu 

Zn 

A1 ! 

Zn 

A1 

71.0 

26.5 

2.0 

33.8 

25.3 

4.63 

1.338 
i 1.346 

77.7 

18.3 

4.0 

16.96 

9.0 

I 1.350 

83.3 

10.7 

6.0 | 

9.6 ! 

13.2 

1.359 





18.0 

1.360 


* Figures are for the 800°C. isothermal, from Hcmb-Uothbry, William, G. W. Mabbott. 
and K. M. Channel-Evans, Trans. Roy. Soc. (London), A 233, 40 (1984). 


relationship is found for certain intermediate phases in which the 
bonds are thought to be essentially homopolar (see page 137). 
It is not safe to assume from this picture that limited solubility 
of copper or silver in another element is evidence of homopolar 
bonds in the latter. Certainly the solubility of copper in arsenic 
or selenium is very limited, in spite of the favorable atomic-size 
ratio, and the bonds in these crystals possess homopolar charac¬ 
teristics. Of course, in alloys of copper or silver with other 
normal metallic elements, the question of homopolar bond forma¬ 
tion is not significant, yet the solubility of copper in silver or in 
iron, for example, is very limited. 

In general, these solid solutions of copper and silver may be 
grouped into three types: 

1. Those in which both elements have favorable size factors 
and the same valence, such as Ag-Au; solid solubility is most 
favored. 
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2. Those having favorable size factors but different valences, 
such as Cu-Zn, Cu-Ga, Cu-Be, etc.; moderate solid solubility. 

3. Those in which both the size factor is unfavorable and the 
valences differ, such as Cu-Mg or Cu-Bi; limited solid solubility. 

Briefly, Hume-Rothery’s work on copper and silver alloys 
may be summarized as follows: In predicting solid solubility, 
the relative atomic sizes are of primary importance. If the 
atomic size factor is favorable, then solid solubility depends upon 
an electronic factor, i.e ., upon the relative valences of solvent 
and solute. 

While Hume-Rothery has made a very interesting and valuable 
contribution to the systematization of solid solutions, his results 
are apt to be limited in their application. They are based entirely 
on alloys of copper or silver with other 18-shell atoms. Uncer¬ 
tainties concerning the interactions of atoms in the metallic 
state make it decidedly hazardous to apply these “generaliza¬ 
tions” to alloys containing 8-shell or transition elements. 

Because the metallic state is so baffling in many of its implica¬ 
tions, there is need for a greater accumulation of accurate, quanti¬ 
tative structural data before an inclusive systematization of 
alloys can be expected. Of the greatest importance, therefore, is 
the very accurate measurement, notably by Jette and some 
others, of the lattice constants in alloy solid solutions; particularly 
for solid solutions in which one of the members is a transition 
element. 

The development of a technique for determining these distances 
with an accuracy of 0.0001 A, has provided a superior method for 
the establishment of phase boundaries. It has also made it 
possible to detect and study small deviations from Vegard’s 
additivity law. 1 

Based on such studies, Jette 2 has suggested a more general 
approach to the question of solid solubility. He has drawn 
an interesting analogy between Raoult’s law of solutions and 
Vegard’s law for solid solutions. There is no reason why Raoult’s 
law should not apply to solid as well as liquid solutions; and the 

1 Vegard, L., Z. Physik , 5, 17 (1921). For two elements of the same 
crystal structure and forming a continuous series of solid solutions, the 
lattice constants of the alloys are a linear function of the composition. 

8 Jette, E. R., Trans.^Am. Inst. Mining Met. Eng. t 111, 75 (1934). 
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physical and chemical factors which may be expected to cause 
deviations from Vegard's law for solid solutions are the same 
factors responsible for deviations from Raoult’s law. 

Thus, Raoult’s law holds only when the molecular species 
present are very similar chemically and physically. Vegard’s 
additivity law holds when the atoms of the elements involved 
are very nearly the same size and of similar electronic structure. 

Negative deviations from Raoult’s law result from the opera¬ 
tion of specific attractive forces which, when extreme, lead to 
compound formation. Jette points out that negative deviation 
from Vegard’s law occurs in those alloy systems in which inter- 
metallic compounds are formed. 

Positive deviations from Raoult’s law are thought to be due 
to repulsive forces between unlike molecules or to a tendency 
for like molecules to associate. Positive deviations from Vegard’s 
law are not understood clearly. Here also the deviation is prob¬ 
ably due to repulsive electrostatic forces on unlike atoms. Jette 
has called attention to the fact that all the metal pairs whose 
solid solutions are known to show a positive deviation are made 
up of B subgroup or transition elements; and that at least one 
member of each pair can occur in two different valence states. 

It is to be expected that the accumulation of more of these 
accurate measurements of lattice constants in alloy systems will 
lead to a much clearer understanding of the metallic state and 
the theory of alloys. 

At this point we may summarize our fragmentary knowledge 
of the factors influencing the solid solubility of metals: 

1. Two metals are apt to be mutually soluble if the size factor 
is favorable and unless one is extremely electronegative with 
respect to the other. They may be miscible in all proportions 
if they are small, highly charged atoms, of similar electronic 
structure, not differing by more than 10 to 12 per cent in size. 
Face-centered cubic structures seem to favor complete miscibility 
but are not essential to it. 

2. Of two mutually soluble metals A and B , not completely 
miscible, the solubility of A in B will usually differ from that 
of B in A if A and B are not equi-valent. 

* 3. Two metals are usually immiscible if they differ in size 
by more than 15 per cent; or if they tend to repel each other 
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strongly. Thus, repulsion results in immiscibility; and moderate 
attraction produces typical solid solutions. When there is strong 
mutual attraction between the metals, they are immiscible in 
the sense that no solid solutions are formed. Strictly speaking, 
however, their tendency to mix is highest and they are miscible 
in an ordered state, t.e., they form a compound. 

As the strengths of the mutual attractive forces influence the 
miscibility of two metals, so may their geometrical relationships 
also be significant. Metals of widely differing sizes are immisci¬ 
ble; metals of similar sizes are mutually soluble; metals which 
differ moderately in size (about 15 per cent) tend to form solid 
solutions in which geometric influences have induced an ordered 
state of the atoms, producing what might be called geometric 
compounds (but see page 151). 

While the point has been made that no rules have yet been 
formulated which are applicable to alloys in general, it is of 
interest to observe the extent to which the data of Chart A appear 
to be consistent with the criteria listed above. These observa¬ 
tions are, of course, merely suggestive. 

The elements of the eighth group of the periodic table are 
generally completely miscible. They do not differ greatly in 
size; they are generally face-centered cubic; 1 they are small and 
may be expected to have the strongest mutual attractive forces. 
Their valences in the metallic state are not known with certainty 
but are probably variable. 

There are a few miscible pairs in addition to the eighth group 
elements. Of the noble metals, gold shows the greatest misci¬ 
bility with other Zone III and IV elements and silver the least. 

Dehlinger 2 has attributed this difference to a difference in 
attractive forces. He observes that the known tendencies of the 
noble metals are to form thfe ions Ag+, CU++, and Auj^ - . Of the 
three, only silver has a completed, alkali-like outer shell and 
should therefore have the smallest attractive force. 

In addition to the noble metals, manganese and chromium are 
completely miscible with some metals. It seems more than a 
coincidence that these metals exist in several allotropic forms, 

1 Ru and Os are close-packed hexagonal, as is Co at room temperature. 
Fe is body-centered cubic at room temperature. 

* Dbhlinqbr, U., Z. Elektrochem 38, 149 (1932). 
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which may give them considerable versatility in solid-solution 
formation, inasmuch as crystal structure, atomic radii, and 
possibly even valence are subject to change. In the iron-man¬ 
ganese system, for example, there are actually five different struc¬ 
tures, three for manganese and two for iron, and all are involved 
in the various solid solutions. 1 At high temperatures the solid 
solution is one between y iron and y manganese. Manganese 
and chromium are miscible with metals which appear to have 
valences different from their own. It is suggested, therefore, that 
their crystal structures and their small, compatible atomic radii 
are influential in determining miscibility. 

Other miscible pairs are Mo-W, As-Sb, Sb-Bi and K-Rb, all 
characterized by equi-valenee, similar electronic structures, and 
favorable size factors. 

The nature of the binary systems of magnesium, zinc and cad¬ 
mium is an interesting consideration. These are all dose-packed 
hexagonal; zinc and cadmium have abnormal, but equal, axial 
ratios. Their atomic radii are 1.60, 1.33, and 1.49, respectively ; 
they are all divalent. Magnesium and zinc are immiscible, 
probably because of an unfavorable size factor; while magnesium 
and cadmium compare more favorably in size and are mutually 
soluble, except for a very narrow gap. Zinc and cadmium are 
partially soluble but to a lesser extent. The relationship of these 
three elements suggests that the size factor is the important 
influence determining their mutual solid solubility. 

Another fairly definite group which might be mentioned is Zone 
I, in which the metals are predominantly immiscible. These are 
true metals; largely body-centered cubic in structure, and many 
immiscible pairs are equi-valent. Their atomic radii, however, 
differ greatly and their mutual attractive forces should be weak 
since all hav.e the rare gas configuration and are comparatively 
large. Potassium and rubidium, differing in size by only 7 per 
cent, are completely miscible. It follows that atomic size and 
perhaps crystal structure and mutual attractive forces are the 
significant criteria for this group. 

Mutual solubility is the exception, rather than the rule, in Zone 
V where one or both of the metals must be an abnormal Class II 
metal. In cases of partial solubility, it is usually true that the 

1 Gatlxr, M. L. V., J. Iran Steel Inst. {London), 128, 293 (1933). 
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Class II illegal is soluble in the Class I metal, but the reverse does 
not follow. This lack of mutual solubility may possibly be 
explained on the basis of the ratio of valence electrons to atoms 
in these alloys (see page 137). Dissolving power decreases 
rapidly when the line dividing Class I from Class II is crossed. 

A Class I metal is never completely miscible with a Class II 
metal. Either the members of the pair have different valences 
or one of them is an abnormal structure. 

Primary Interstitial Solid Solutions. —Zone VI on Chart A 
includes a unique group of alloys, binary alloys of certain metals 
with carbon, boron, nitrogen, and hydrogen. When these ele¬ 
ments dissolve in certain of the transition elements, iron, for 
example, they do not form the usual type of solid solution by 
replacing iron atoms in the iron lattice; but they penetrate the 
lattice, taking up positions in the interstices and forming what 
are known as interstitial solid solutions. The reason for this 
peculiar behavior is to be found in the small radii of these atoms. 
All have radii less than 1.0 A, while the radius of beryllium, the 
smallest of the metals which do not form interstitial solid solu¬ 
tions, is 1.14 A. When the size of these atoms is small compared 
to the size of the holes in the solvent lattice, solid solution takes 
place with little distortion; but, if the relationship is not so 
favorable, considerable distortion of the solvent lattice may result 
from the interstitial penetration of the solute atoms. 

Because of its great practical importance, the iron-carbon 
system has been studied extensively and is the most familiar of 
the interstitial solid solutions. The properties of steel depend 
in large degree upon the influence of carbon on the stability of 
the various allotropic forms of iron. The very valuable alloy 
steels are made by adding other elements to the iron-carbon 
system. ., t Structurally, these are interesting combinations of the 
two types of solid solution—substitutional and interstitial. In 
a manganese steel, for example, the manganese and iron form a 
typical substitutional solid solution, while the carbon is inter¬ 
stitial with respect to both metals. The interstitial alloys will 
be discussed further in connection with intermediate phases. 

Secondary Solid Solutions. —In many alloy systems inter¬ 
mediate phases of varying composition are to be found. The 
structure of the intermediate phase is different from that of either 
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pure metal, but the phase retains its metallic properties and 
forms solid solutions readily with one or both parent metals. 
Such phases have sometimes been called secondary solid solutions. 
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Fio. 22.—Four types of gamma fields in iron alloys. 
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The Binary Alloys of Iron. —The alloys of most of the common 
metals with iron have been studied and remarkable relationships 
have been discovered within them which constitute one of the 
most interesting chapters of systematic crystal chemistry. West- 
gren and his collaborators were among the pioneers in the study 
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of the structures of the iron alloys. 1 It has recently been pointed 
out by Wever 2 that the elements may be placed in one of four 
groups according to their influence upon the extent of the y iron 
in the equilibrium diagram. The four types of y field which 
may result are illustrated in Fig. 22. 3 They are termed (1) the 
open y field, of which the iron-nickel system is a typical example; 
(2) the closed y field (iron-chromium); (3) the expanded y field 
(iron-carbon); (4) the narrowed y field (iron-boron). Wever 
has found, further, that when the elements are grouped according 
to their effect on the y field, a striking relation to their positions 
in the periodic table is revealed. This is illustrated in Table 34. 
It may be observed that the Group VIII elements produce an 
open y field when alloyed with iron; the alkali and alkaline earth 
metals and the heaviest metals are insoluble in iron; and most 
of the other elements produce a closed y field. Following this 
systematic arrangement still further, it may be seen that 
the influence of the added element is apparently a function 
of its size. The largest elements are insoluble in iron. This, of 
course, is consistent with the generalization which has been 
proposed governing the formation of solid solutions. In general, 
the smallest elements produce an open y field. The crystal 
structure of the metal also appears to be important. As might 
be anticipated the face-centered cubic metals, isomorphous with 
7 iron, appear to favor the open y field. 

The Properties of Solid Solution. —While it is beyond the scope 
of this book to enter into a detailed description of the properties 
of alloys, a very general summary of characteristic properties 
as they are related to the structure of solid solutions, is of inter¬ 
est. Here again, it is dangerous to attempt to apply apparent 
“rules” or generalizations too rigidly. 

1 See, for example, Westgren, Arne, J. Iron Steel Inst . {London), 103 , 
303 (1921); Westgren, Arne, and A. E. Lindh, Z. physik . Chem 98 , 181 
(1921). 

3 Wever, Franz, Proc. of the World Eng. Congr . Tokyo , 1929 ; 34 , 239 
(1931). 

3 For equilibrium diagrams illustrating these four types of y field see 
M. Hansen, “Der Aufhau der Zweistofflegierungen,” Julius Springer, Berlin, 
1936. This is one of the most up-to-date reliable sources of information on 
binary systems. 
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The interactions of different atomic species in an alloy are apt 
to be specific and not, as yet, predictable; and properties, such 
as hardness and thermal and electrical resistance, are depend¬ 
ent upon such interactions, upon the distribution of the 
electrons around metallic nuclei, and the nature of the forces 
operative. 1 

A good many of the properties of solid solutions may be antici¬ 
pated in a general way from the discussion of the properties of 
pure metals. It has been observed that the characteristic metal¬ 
lic properties are peculiar to the metallic state. The electrical 
and thermal properties are related to the metallic bond; the 
mechanical properties appear to be related to the close-packed 
structures which afford numerous glide planes along which the 
metal can flow. 2 In general, solid solutions are apt to be less 
metallic in their properties than are the pure metals from which 
they are formed. Of course, if one of the constituents of the 
solid solution is distinctly nonmetallic the properties of the solid 
solution may be more metallic than the properties of this com¬ 
ponent. The interstitial solid solutions are a case in point. 
They exhibit definite metallic characteristics in spite of the 
nonmetallic nature of the solute atoms. 

A solid solution is always harder than the pure solvent metal 
and is apt to be less ductile. This principle of hardening a metal 
by dissolving another in it has probably had its widest application 
in brass, the solid solution of zinc in copper. 3 Pure copper is 
too soft to machine well, while a brass is hard enough to be 
machined, and to resist undue wear and deformation when in use, 
yet soft enough to be formed in various ways. 

It must be emphasized again that the properties of alloys may 
be considerably modified by heat treatment and aging. This is 
particularly true of the mechanical properties hardness, ductility, 
and tensile strength; and it is impossible to generalize, except in 

1 Again, see Mott, N. F., and H. Jones, “Theory of the Properties of 
Metals and Alloys,” Oxford University Press, New York, 1936. 

2 They may also be considered in the light of the recently proposed theory 
of the secondary structure of real crystals, as it has been discussed in detail 
by Zwicky and Smekal in particular. A brief statement of this theory is 
given in Chap. III. 

8 For general reference, see H. O'Neill, “Hardness of Metals and its 
Measurement," Sherwood Press, Cleveland, 1934. 
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very broad terms, regarding the factors which determine these 
properties. 

Heat treatment is apt to have a very marked effect upon the 
properties of those alloys, any constituent of which exists in two 
or more allotropic forms. 1 The complicated equilibrium diagram 
of the iron-carbon alloys, and the greater complications brought 
about by the addition of one or more additional elements make 
possible the production, by careful heat treatment, of alloys with 
almost any required mechanical properties. The accomplish¬ 
ments in this direction are responsible for the very extensive 
use of alloys of iron. On the other hand, the microscopic or 
macroscopic structure of even the simplest alloy may be affected 
by heat treatment. Prolonged annealing at appropriate tem¬ 
peratures, for example, encourages grain growth, especially when 
preceded by cold working or by passing through a structural 
transformation. As the size of the crystalline particles increases, 
the hardness of the metal decreases. 

In the copper-beryllium system, hardness, tensile strength, and 
endurance limit may be increased 100 per cent by the proper heat 
treatment, as shown by the following figures: 2 

Tensile Strength, 
Lb. per Square Inch 


1. 2.75 per cent Be in Cu, quenched from 1450°F. . . 88,800 

2. Age (1) at 575°F. 161,000 

3. Cold roll (1). 156,000 

4. Heat treat (3) at 575°F. 225,000 


The phenomenon of age hardening—a marked increase in 
hardness and brittleness following certain heat treatments—is 
rather common in alloys. This problem is of great concern to 
the practical metallurgist and has been studied extensively. 
From the standpoint of the crystal chemist, the underlying 
principle appears to be a relatively simple one. It has been 
shown that age hardening depends upon the precipitation of a 
second phase from solid solution. In mild steel, for example, 
age hardening has been attributed, by various investigators, to 
compounds of iron with nitrogen, carbon, or oxygen, presumably 

1 See Smith, H. A., Trans. Am. Inst. Mining Met. Engrs 116,342 (1935), 
for a general discussion of this subject. 

* Smith, J. K., Trans. Am. Inst. Mining Met. Engrs., 99, 65 (1932). 
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Fe 4 N, FegC, or FeO, respectively. Fe 4 N is known to ha re the 
greatest effect. It is thought that the age hardening which 
occurs in automobile sheets is due to an oxidation product, 
presumably FeO. 1 In the nitriding of steel containing a trace 
of aluminum, the hardening is said to be due to the formation of 
AIN. 2 The age hardening of duralumin is due to the precipita¬ 
tion of CuA1 2 . 3 

That age hardening is not always the result of the precipitation 
of a compound but may be due to the precipitation of a pure 
metal phase has been shown recently in a study of the copper- 
silver system. 4 

It would appear that any alloy may be subject to age hardening 
at any given temperature if it contains a constituent which is less 
soluble at some other temperature and tends to precipitate over a 
period of time. In most practical instances the precipitation 
occurs as a result of the cooling of the alloy to room temperature. 

Apparently it would be possible to take advantage of the size 
factor in formulating an alloy to be subject to age hardening. To 
precipitate a single solute, the size of the solute should differ 
considerably, but not too much, from that of the solvent. To 
affect the precipitation of a compound of two solute metals, these 
should be selected for their unfavorable, but not too unfavorable, 
sizes. One should be electronegative, but not too electronega¬ 
tive, to the other. Then there will be a fair chance of their 
remaining in solution at high temperatures and precipitating at a 
lower temperature. The addition of magnesium and silicon to 
aluminum appears to meet the electronegativity and size require¬ 
ments for the precipitation of Mg 2 Si. 

Some alloys are made quite brittle by a mere trace of impurity. 
Beryllium may be very brittle due to a trace of beryllium oxide 
distributed between the grains and thus reducing the cohesion 

1 Eilender, W., H. Cornelius, and H. Knuppel, Arch. Eisenhiiltenw. t 
11, 507 (1935). A study of the influence of O and N on mechanical aging 
of steel. 

* Norton, J. T., Trans. Am. Inst. Mining Met. Engrs ., 113, 262 (1934). 

* But see Gayler, M. L. V., and G. D. Preston, J. Inst. Metals t 48, 
197, (1932), who find that at room temperature and at 200°C. it may be due 
to some process occurring before the precipitation of CuAh. 

4 Barrett, C. S., and R. F. Mehl, Trans . Am. Inst. Mining Met. Engrs., 
117, 39 (1935). 
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between them. One-tenth per cent of intergranular bismuth in 
gold makes the latter brittle. 1 

Color .—The influence of solid solution upon color is impossible 
to predict, but it is very interesting and of considerable practical 
importance. Copper turns gray with the addition of: 23 per 
cent nickel, 22 per cent manganese, 20 per cent palladium, 40 per 
cent platinum, 19 per cent aluminum, or 50 per cent zinc. Cer- 




Fig. 23.—Electrical conductivity-composition diagrams, (a) Two immiscible 
metals. Cd-Zn, Cd-Sn, Cd-Pb. (6) Metals forming a solid solution. Au-Ag. 
(c) An alloy containing intermediate phases. Mg-Ag. [From W. Guertler, Z. 
anorg. allgem. Chem., 51 , 401 (1906) and W. J. Smirnow and N. S. Kurnakow , 
Z. anorg. allgem. Chem., 72 , 31 (1911) by permission of J. A. Barth, Leipzig .] 


tain gold-iron solid solutions are blue; gold-silver-cadmium 
produce a green alloy. 51.5 per cent copper and 48.5 per cent 
antimony is purple. 

Electrical Conductivity .—In an alloy of two immiscible metals, 
the electrical conductivity is an average of the conductivities of 
the two components, as shown in Fig. 23a for the systems zinc- 
cadmium, tin-cadmium, and lead-cadmium. As one metal is 
dissolved in another, however, the conductivity of the solvent 
metal is usually lowered, very sharply at first, as indicated in 
Fig. 236. The minimum conductivity is lower than that of 
either pure constituent. The formation of intermediate phases 
introduces further variations in conductivity, as illustrated in 
Fig. 23c. 

1 Arnold and Jefferson, Engineering f 61, 176 (1896). 
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The relative increases in resistance produced by dissolving 
1 per cent of various elements in copper, silver, or gold have been 
determined by Norbury 1 and are listed in Table 35. It was 
remarked by Norbury that the increase in resistance produced by 
a given solute is greater, the greater the distance in the periodic 
table between solvent and solute. It might have been said 
that the increase in resistance is greater, the greater the valence 


Table 35.—The Effect of Various Elements on the Electrical 
Resistance of Solid Solutions in Copper, Silver, and Gold* 


Solute element 

Increase in resistance (in microhms 
per cubic centimeter) due to the 
presence of 1 per cent solute element 
in solid solution in 


Cu 

Ag 

Au 

Copper. 

0 

01-0.5 

0.35-0.74 

Silver. 

0.13-0.22 

0 

0.2 -0.36 

Gold. 

0.5 -0.65 

0.3-0.6 

0 

Magnesium. 

0.8 

0.8-1.3 

Zinc. 

0.26-0.31 

0.5 

0.85-0.95 

Cadmium. 

0.4 

! 0.35-0.64 

Mercury. 


0.4 

Aluminum. 

0.8 -1.1 

1.6-2.0 

Silicon. 

3.0 -3.3 


Tin. 

2.6 

4.0-5.0 

7.5 -8.5 

Arsenic. 

5.3 —5.6 

Antimony. 

5.5 —7.5 



Nickel. 

1.1 -1.2 



Cobalt. 

2.5 -3.5 



Iron. 


4.0 -0.6 

Manganese. 

2.9 -3.0 


Chromium. 

4.0 



Palladium. 

0.4 

0.3 

Platinum. 


0.7-1.5 

0.8 




* Alternate figures are given where the results of different workers do not agree. 


of the solute; and a relation between solid solubility and electrical 
conductivity thus established. Linde 2 has, in fact, shown that 

1 Norbury, A. L., Trans. Faraday Sac ., 16, 579 (1921). 

* Linde, J. O., Ann , Physik , (5) 10, 52 (1931); 14, 353 (1932). 
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with the addition of 1 per cent of cadmium, indium, tin, or anti¬ 
mony to silver as solvent, the change in electrical resistance of 
the solid solution varies as (V — l) 2 , where V is the valence of 
the solute. This relationship has a theoretical explanation. 1 
The core of the dissolved atom carries a positive charge greater 
than that of the solvent metal. The field of this extra charge 
may cause scattering and increase resistance. 

The electrical conductivity of a solid solution is less dependent 
upon temperature than is that of a pure metal. The conductivity 
z . ......... . solid solution increases 

A _as the temperature decreases 

■§^3 ._but not to so great a degree as 

J S 2 \_does that of a pure metal. Up- 

11 _on this principle depends the 

^0 —!—:--Ill value of the alloy constantan, 

° 10 ^°NickeiAtomic pe>^cent 80 90 100 useful for electrical resistance 

Fio. 24.—Thermal conductivity of a instruments in order to avoid 

crrors duo t0 a fluctuation in 

by permission of The Clarendon Press , temperature. It is essentially 

Oxford.) a copper-nickel alloy containing 

small amounts of iron and manganese, and its temperature coeffi¬ 
cient is negligible at room temperature. 

The cold working of solid solutions causes an increase in their 
electrical resistance as it does in pure metals. 

Thermal Conductivity .—The thermal conductivity of a solid 
solution is less than that of the solvent metal, whether it be a 
continuous solid solution or one of limited extent. The type of 
variation commonly observed is shown for the copper-nickel 
alloys in Fig. 24. 

Melting Points .—The melting point of a metal is generally 
lowered when another metal is dissolved in it. The exceptions 
are those metal pairs which are completely miscible. In such 
cases the melting points of the solid solutions lie between those 
of the pure metals. The practical value of a great many alloys 
depends upon their low melting or freezing points. Among 
these may be mentioned fuse metal, type metal, solder and the 
alloy used for sprinkler heads. In most of these the low melting 
point is that of a eutectic mixture of two solid solutions. 

1 Mott, N. F., Proc . Cambridge Phil . Soc ., 82, 281 (1936). 
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Magnetic Properties .—Alloys of iron, cobalt, and nickel with 
each other are ferromagnetic. Alloys of iron, cobalt, and nickel 
with other elements are somewhat magnetic over part of the 
composition range. In the gold-iron alloys, for example, pure 
gold is diamagnetic, while 0.1 per cent (weight) of iron makes the 
alloy paramagnetic. This paramagnetism persists through 0.5 
per cept of iron, but the quenched alloy with 10 per cent (weight) 
of iron is ferromagnetic. That the ferromagnetism is not due to 
a second phase is evidenced by the ferromagnetism of the 15 per 
cent iron alloy at 724°C., at which temperature there exists only 
the solid solution of iron in gold. 1 

The Heusler alloys (essentially manganese, copper, and alu¬ 
minum or traces of other elements) are magnetic and their mag¬ 
netism appears to be due to the existence of a particular 
superstructure. 2 


INTERMEDIATE PHASES 

The first suggestion that two metals might actually unite to 
form a compound was made in 1839 when a discontinuity was 
observed in the action of acid on zinc-copper alloys. 3 Before 
that date intermctallic compounds were considered to be anom¬ 
alies. The “freezing-point curve” method of studying alloys, 
now so familiar, was not inaugurated until 1897. 4 Since then the 
“hump” or maximum in the temperature-composition diagram 
of an alloy has always been accepted as evidence of the existence 
of a so-called intermetallic compound. In 1923 the first crystal 
structure determination of an intermetallic compound w r as made. 6 
After 1923 crystal-structure data for these compounds accumu¬ 
lated rapidly and the attempt to classify their structures has 
been carried on relentlessly. The problem has been, and still 
is, a difficult one. Twenty years ago the intermetallic compound 
could be defined with confidence; but today, with the structures 
of these compounds much more intimately known, the experts 

1 Jette, E. R., W. L. Brunner, and F. Foote, Trans . Am. Inst . Mining 
Met. Engrs., Ill, 354 (1934). 

2 See p. 152. 

See also Slater, J. C., Phys. Rev., 36, 57 (1930). 

8 Karsten, C. J. B., Pogg. Ann., (11) 16, 150 (1839). 

4 Hkycock and Neville, Trans. Roy. Soc. {London), A 189, 25 (1897). 

6 Pauling, Linub, J . Am. Chem. Soc., 46, 2777 (1923). 
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are not agreed as to just what constitutes a true compound. 
Because of this confusing situation, the term tl ‘ intermediate 
phase” is now generally used to include all phases in an alloy 
system with the exception of the primary solid solutions. In 
the following pages intermediate phases of fixed or variable 
composition, secondary solid solutions, and superstructures will 
be discussed. All differ from the primary solid solutions which 
have been described, but whether or not any should be classed 
as compounds is still disputed and depends largely upon the 
definition of that term. 1 

When the large number of metal phases usually known as 
“ intermetallic compounds” is considered and their great practical 
importance in influencing the properties of alloys is realized, it 
seems surprising that little or no notice is taken of them in ele¬ 
mentary chemistry. This omission is partially justified. Until 
very recently their fundamental nature has not been understood, 
and what has been known of them could not be reconciled with 
the combining laws governing the more familiar types of chemical 
compounds. Many of them have strange formulas: BiTe, AuSn, 
AuMg 3 , Cu&Zn 8 , Cd 6 Na, CdnK. They obviously violate the 
laws of valence. Just as many seem to follow the rules of valence 
after a fashion: CuZn, Na 4 Pb, Mg 2 Sn, Mg 2 Pb, PtSn. All the 
earlier attempts to systematize such compounds started with 
the assumption that those which appeared to conform to the 
valence rules were the true compounds while those which did not 
were exceptions. With our growing understanding of the metal¬ 
lic state, however, has come the realization that the atoms in any 
phases in which the metallic bond exists are not held together 
by the transfer of electrons or by shared pairs of electrons. There 
is no reason, therefore, why such phases should show any relation 
whatsoever to valence compounds; the rules of valence apply 
only to those combinations in which a definite sharing or transfer 
of electrons takes place. Any phases which exhibit the electrical 
conductivity characteristic of the metallic state cannot be valency 
compounds. 

The Occurrence of Intermediate Phases. —It will be helpful 
to return to Chart A, in the Appendix, and attempt, from the' 

1 A review of the several attempts to define an intermetallic compound is 
given on p. 154, 
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data summarized there, to formulate a tentative generalization 
from which the circumstances under which intermediate phases 
are to be expected in alloy systems may be predicted. Briefly, 
these data indicate that: 

1. In Zones I and IV intermediate phases are the exception, not the rule. 

2. The so-called “superstructures” are confined almost entirely to Zone 
IV. 

3. There are intermediate phases in Zones II and III, but the data are 
too limited to permit any attempt at classification. 

4. Intermediate phases predominate in Zone V, largely systems of Class I 
with Class II metals; and in Zone VI, the region of interstitial phases. 

5. Zone VII contains a number of compounds which have metallic proper¬ 
ties and might be classed as alloys. They are crystals of the NiAs and FeS 2 
types and will be discussed in the next chapter. 

The crystal structure relationships and atomic properties 
within these zones have already been considered. A set of condi¬ 
tions favorable to intermediate phase formation may be proposed 
which is almost the reverse of that used for the prediction of solid 
solution among binary alloys. The formation of intermediate 
phases is to be expected when the metal pair is composed of: 

1. Metals of very different atomic radii, but not with extreme differences. 
Usually they must be such that the ratios of their sizes will permit a coordi¬ 
nation number of eight or higher. 

2. Metals of different, valences. The greater the electronegativity of 
metal A with respect to B, the greater the tendency for compound formation. 

3. Metals which possess moderate mutual attractive forces. 

4. Metals of different crystal structures. 

It will be recalled further than in alloys, of copper or silver 
with many of the 18-shell metals, primary solid solutions give 
way to an intermediate phase where the electron concentration 
exceeds about 1.4. 

The Structures of Intermediate Phases. —Three groups of 
intermediate phases have been studied sufficiently to warrant an 
attempt to classify them on the basis of structure. These are: 

1. The intermediate phases of some of the eighth group transi¬ 
tion elements and of copper and silver with other (Class II) 1 
metals of the B subgroups. 

1 See Table 25. 
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2. The interstitial phases of the transition elements with boron, 
carbon, nitrogen, and hydrogen. 

3. Intermediate phases of the alkali and alkaline earth metals. 

They will be discussed in this order. 

Alloys of Copper, Silver, and Some Eighth Group Elements 
with Elements of the B Subgroups. —The alloys of the noble 
metals (and some of the transition elements) with the metals of 
the B subgroups have been investigated extensively, and, because 
the data are so complete, an attempt has been made to system¬ 
atize the known facts for these alloys. 

Consider the typical alloy system, copper-zinc. When zinc 
is added to copper, the zinc atoms replace copper atoms in the 
face-centered cubic copper lattice. When 32 atomic per cent 
of zinc has been added, the copper lattice is saturated and the 
addition of more zinc produces a new lattice which is not the 
hexagonal, close-packed lattice of zinc. In the past it has been 
customary to accept the appearance of a new structure, differing 
from each parent structure, as evidence of the formation of an 
intermetallic compound, although as will be pointed out later, 
these intermediate phases are generally not compounds in the 
usual sense. In the case of brass this first new structure is 
that of the phase CuZn, the so-called p brass, the equilibrium 
range of which has been well established by thermal methods. 
Many alloys form only one intermediate phase, but in brass there 
are three. As the proportion of zinc in the brass is increased, a 
new structure appears, first mixed with the p brass and then, at 
60 atomic per cent of zinc, by itself. This is y brass and has been 
assigned the formula Cu 5 Zn 8 . At a higher zinc content another 
phase, € brass, CuZn 3 , makes its appearance. Finally, with more 
than 87 per cent of zinc in the alloy, a solid solution of copper 
in the zinc lattice is formed. 

For some time metallurgists had remarked the similarity of 
the equilibrium diagrams of a number of alloys of copper, silver, 
and gold with metals of the B subgroups. In 1926 Hume-Roth- 
ery 1 pointed out that the p phases of all of these alloys and many 
others have the same type of crystal structure, a body-centered 
cubic lattice. This was confirmed by Westgren and Phragmen 2 

1 Hume-Rothbry, William, J. Inst. Metals , 35, 295 (1926). 

* Wbstgren, Arne, and G. Phragmen, Phil. Mag. y (6) 50, 331 (1925). 
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and others. This seemed more than a coincidence and led to a 
search for similarities of like nature among the y and e phases. 
Some interesting analogies were discovered. 

The P and y Phases .—A partial list of the fi phases is given in 
Table 36. They are arranged with the alloys upon which Hume- 



• • o • o 

Cu-Sn Cu Al Cu Zn 

Fig. 25. —Comparison of the atomic arrangements in CuZn, Cu&Sn and CusAl. 
[From A. Westgren, Trans. Faraday Soc 25, 380 (1929), by permission of the 
Faraday Society.] 

Rothery based his original generalizations in the first two columns 
to the left. 

Table 36.— The Electron Concentration in Some of the 0 Phases 
CuZn 3:2 (a) AgCd 3:2 (a) NiAl 3:2 (h) Ag 3 Al 6:4 (a) 

CuBe 3:2 (a) AgZn 3:2 (a) FeAl 3:2(6) Au 3 Al 6:4(6) 

Cu 3 Al 6:4 (a) AuZn 3:2 (a) MnAl 3:2 (g) CmSi 9:6 (/) (6) 

CUftSn 9:6 (o) AuCd 3:2 (c) CoAl 3:2 (, d) CoZn* 6:4 (d) 

AgMg 3:2 (a) CuPd 3:2 (a) NdAl 3:2 (c) 

CuaGa 6:4 (i) 

a. Westgren, Arne, and G. Phraomen, Trans. Faraday Soc., 25, 380 (1929). 

b. Westgren, Arne, Z. angew. Chem., 45, 33 (1932). 

c. Stillwell, C. W., and E. E. Jukkola, J . Am. Chem. Soc., 56, 56 (1934). 

d. Ekman, Walter, Z. physik. Chem., B 12, 57 (1931). 

e. Olander, A., Z. Krist., 83, 145 (1932). The AuCd phase is tetragonal below 267°C. 
but has the true CsCl structure above this point. 

/. Arrhenius, S., and Arne Westgren, Z. physik. Chem., B 14, 66 (1931). 

g. Persson, Elis, Z. Physik, 57, 115 (1929). 

h. Westgren, Arne, and A. Almin, Z. physik. Chem., B 5, 14 (1929). 

i. Weibke, Friedrich, Z. anorg. allgem. Chem., 22, 293 (1934). 

Those alloys in the first three columns have body-centered 
cubic structures, all but two having the structure of cesium 
chloride. A comparison of the structures of CuZn, Cu 5 Sn, and 
CuaAl is shown in Fig. 25. 1 The CuZn structure is analogous 

1 Westgren, Arne, and G. Phragmen, Trans. Faraday Soc., 25, 380 
(1929). 
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to that of cesium chloride. The copper atoms and the zinc atoms 
are on separate, interpenetrating cubic lattices. In CuaAl it 
is also true that the aluminum and copper atoms occupy regular 
and definite positions in the lattice. Cu 5 Sn is quite different. 
There is no regularity of arrangement here and the copper and 
tin atoms are distributed quite at random on the body-centered 
cubic lattice. 

Besides calling attention to their similar structures, Hume- 
Rothery observed that in all the alloys in the first two columns 
the ratio of the number of valence electrons to the number of 
atoms is as 3:2. 

To the original list were soon added the phases in the fourth 
column of Table 36. These conform to the 3:2 ratio, but in 
structure they are isomorphous with the peculiar 0 manganese, a 
complex cubic crystal having 20 atoms per unit cell. 1 In figuring 
the ratios, the valence electrons are always taken to be those in 
excess of the completed electron shell. Thus aluminum is three, 
even though there is some evidence to indicate that in the metallic 
state aluminum is univalent (see Chap. III). Column 3, Table 
36, including the fi structures of transition elements with alu¬ 
minum, follows the 3:2 ratio only if the valence of the transition 
element is assumed to be zero. An attempt has been made to 
justify this purely arbitrary assumption, as will be shown later. 

Table 37.—The Electron Concentration in Some of the y Phases 


CurZiir 

21:13 (a) 

Fe 6 Zii 2 i 

42:26 ( b ) 

CmCd 8 

21:13 (a) 

Co bZnn 

42:26 ( 6 ) 

Cu 9 A1 4 

21:13 (a) 

Ni&Zmi 

42:26 ( b ) 

CuaiSn 8 

63:39 (a) 

Rh 6 Zn 2 i 

42:26 (i b) 

Ag 5 Cd 8 

21:13 ( 0 ) 

Pd sZmi 

42:26 ( b ) 

AgtZns 

21:13 (a) 

Pt 5 Z 112 L 

42:26 ( 6 ) 

AuftCdg 

21:13 ( 0 ) 

Ni 6 Cd 2 i 

42:26 ( 6 ) 

Ag*Hg 8 

21:13 (c) 



CU 7 Z 114 AI 2 

21:13 (d) 

NaaiPbg 

63:39 (e) 



Agjdio 

(/) 


o. Weatoren, Arne, and G. Phragmen, Tran*. Faraday Soc., 26, 380 (1929). 

6. Ekman, Walter, Z. phyeik. Chem., B 12, 57 (1931). 

c. Stenbece, Sten, Z. anorg. Chem., 214, 10 (1933). * 

d. Bradley, A. J., and C. H. Gregory, Mem. Proc. Manchester Lit. Phil. Soc., 72, 91 
(1928). 

e. Stillwell, C. W., and W. K. Robinson, J. Am. Chem. Soc., 66, 127 (1933). 

/. Perlite, Harald, Z. Krist., 86, 155 (1933). 

1 Preston, G. D., Phil. Mag., (7) 6, 1207 (1928). 
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While these phases, alike in structure, form an interesting 
group, any attempt to extend them to alloys in general meets 
with a substantial list of exceptions. Beta phases in which one 
of the metals is an alkali or alkaline earth (see Table 43) are too 
frequently characterized by a different ratio. Apparently the 
rule is not infallible even within the group of alloys from which 
it was originally formulated, for the formula for the fi phase in 
the copper-indium system has been reported as Cu 4 In, 1 a valence 
flectron-atom ratio which does not conform to the 3:2 ratio. 



(a ) (b) 

Fig. 26.—Atomic arrangement in gamma brass. [From A. J. Bradley and 
J. Thewlis , Proc. Roy. Soc. {London), A 112, 67<S (1926), by permission of the 
Royal Society.] 

A partial list of the y phases, alloys which have similar struc¬ 
tures, is given in Table 37. 

The first y phase to be studied in detail was y brass, Cu 5 Zn 8 , 
the crystal structure of which is shown in Fig. 26. 2 Figure 266 
is the actual structure of y brass. A comparison of it with 
Fig. 26a shows the relation of y brass (52 atoms in the unit cell) 
to a unit cube containing 27 of the unit cubes of 0 brass (54 
atoms). When the atoms are removed from the latter to form 
7 brass, the remaining 52 atoms shift their positions somewhat 
to form a stable lattice. Finding that Cu 9 A1 4 had a structure 

1 Weibkb, Friedrich, and H. Eggers, Z. anorg. aUgem. Chcm ., 22, 273 
(1934). 

* Bradley, A. J., and J. Thewlis, Proc. Roy. Soc ., A 112, 678 (1926). 
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similar to that of 7 brass, Bradley pointed out that in both of 
these the ratio of valence electrons to atoms is as 21:13. Other 
alloy phases were soon added to the list. These 7 structures 
are not identical but they bear striking similarities. Thus 
Cu 5 Zn 8 is body-centered cubic, containing 52 atoms in the unit 
cell; CU 9 AI 4 is simple cubic and contains 49-52 atoms per unit 
cell; Cu 3 iSn 8 is face-centered cubic with 416 atoms per unit cell . 1 
The formula has also been given 2 as Cu 4 iSnn, which makes 
an even number of molecules in the unit cell and at the same time 
preserves the 21:13 ratio. Doubtless the most impressive illus¬ 
tration of this 21:13 ratio for the 7 structure is that of the ternary 
copper-zinc-aluminum alloys studied by Bradley and Gregory . 3 
They found that the atoms of copper, zinc, and aluminum may 
be interchanged in the lattice, but as long as the ratio of valence 
electrons to atoms remains at 21:13, the 7 structure prevails. 
This will bring to mind a similar relationship controlling the 
limit of solid solution in the system copper-zinc-aluminum, the 
copper acting as the solvent (see page 107). 

The 7 structures of the transition elements were prepared by 
Ekman 4 in order to confirm in part the zero valence assigned to 
these elements so that their & alloys might conform to the required 
3:2 ratio. Ekman reasoned that if the transition elements do 
have zero valence in these alloys, then the 7 phase should have 
the formulas T b (Zn, Cd) 2 i (where T = a transition element) in 
order to meet the 21:13 requirement. He prepared alloys of 
these compositions, and found that they do have typical 7 struc¬ 
tures with large unit cells. Their existence at the predicted 
compositions is rather good evidence for the zero valence of the 
transition elements. Westgren has found that in the formation 
of the phases of FeAl, CoAl, and NiAl the contraction in atomic 
volume may be as high as 15 per cent and suggests that such a 
diminution in volume would be expected to occur if the valence 
electrons of the transition elements remained closely associated 

1 Westgren, Arne, and G. Phragmen, Z. anorg. allgem. Chem. t 175, 80 
(1928). 

* Bernal, J. D., Nature , 122, 54 (1928). 

* Bradley, A. J., and C. H. Gregory, Mem. Proc. Manchester Lit. 
Phil. Soc. t 72, 91 (1928). 

4 Ekman, Walter, Z. physik. Chem. t B 12, 57 (1931). 
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with the nucleus, i.e ., if the atom does not ionize. 1 But there 
is no appreciable contraction of atomic volumes when the p phase 
CuPd is formed. Thus, Westgren’s criterion does not indicate 
a zero valence for palladium; yet PdsZ^i has the y structure and 
conforms to the y electron-atom ratio when Pd is assigned zero 
valence. It has been stated further 2 that magnetic measure¬ 
ments indicate a zero valence for iron in the iron-zinc alloys. 
Ni, Pd, and Pt are said to contribute no valence electrons in 
alloys with Cu, Ag, and Au if the electron-atom ratio is below 
O.6. 3 

Zintl and Brauer have proposed another possible explana¬ 
tion, based upon the data, reproduced in Table 38, of the con- 


Table 38.— Interatomic Distances in 0 Phases Containing Aluminum 


Phase 

Structure 

i 

i 

Interatomic 

distances 

Linear 
contrac¬ 
tion per 
cent 

Atomic radii 

Table 122 

Aluminum 

Found 

A 

Calc. 

A 

Found 

Table 

122 

NiAl 

CsCl 

2.44 

2.60 

-6 

Ni = 1.21 

1.23 

1.43 

CoAl 

CsCl 

2.47 

2.61 

-5 

Co =1.22 

1.25 


Cu a Al 

See Fig. 25 

2.53 

2.63 

-4 

Cu =1.24 

1.29 


NdAl* 

CsCl 

3.21 

3.18 

+ 1 

Nd = 1.79 

1.42 


CuPd 

CsCl 

2.59 

2.57 

-hi 





* The data for NdAl are from Stillwell and Jukkola, J. Am. Chem. Soc., 56, 56 (1934), and 
are included for comparison. 


traction of atomic volume in p phases containing aluminum . 4 
A complete list of the ft phases from which these data are taken 
is to be found in Table 43 on page 147. Zintl points out, first, 
that all the p phases containing aluminum undergo about the 
same contraction. Were the contraction only associated with 
FeAl, CoAl and NiAl, it would be impossible to say whether it is 

1 Westgren, Arne, Z. angew. Chem., 45, 33 (1932). 

Westgren, Arne, and A. Almin, Z. physik. Chem., B 5, 14 (1929). 

* Bernal, J. D., and D. Crowfoot, Ann . Repts. (London), 30, 388 (1933). 

* Mott, N. F., and H. Jones, “Theory of the Properties of Metals and 
Alloys/’ Oxford University Press, New York, 1936. 

4 Zintl, E., and G. Brauer, Z . physik . Chem., B 20, 245 (1983). 





132 


CRYSTAL CHEMISTRY 


due to a change in the diameter of the transition element or of 
aluminum. But the same contraction occurs in CusAl, and we 
know that copper undergoes no contraction in other (3 phases. 
It seems a fair guess, then, that in CU 3 AI the contraction is due 
to a contraction of the aluminum atom. It may be seen, further, 
that the actual radius Qf the aluminum found in these crystals 
(assuming that aluminum is the atom which contracts) is smaller, 
the smaller the radius of the atom with which it is associated 
and in the case of the large neodymium atom, no contraction of 
interatomic distances occurs. Furthermore, if contraction in 
atomic volume of the transition element be taken as evidence of 
its zero valency, then neodymium does not have zero valence in 
this alloy. 

As a result of his systematic studies of the (3 phases of the 
alkali and alkaline earth metals, Zintl has proposed that when 
the formation of the (3 phase is accompanied by a marked con¬ 
traction in interatomic distances, the Hume-Rothery rule, at 
least in its present form, does not necessarily apply. If this 
proposal be accepted, then, of those (3 phases listed in Table 36, 
the following should not be expected to conform to the 3:2 rule: 
NiAl, CoAl, FeAl, Cu 3 A1, MnAl, AgMg, CoZn 3 . Of these, all 
but AgMg and Cu 3 A1 are those in which zero valence must be 
assumed—and apparently with questionable justification—for 
the transition elements in order to satisfy the 3:2 ratio. 

In this connection the data in Table 39 are of interest, indi¬ 
cating the volume contraction in some of the recognized y phases, 
most of Vhich follow, or are assumed to follow, the Hume- 
Rothery rule. 

It is evident that those 7 phases in which the contraction 
begins to be marked are the alloys of the transition elements. 
The only 7 phase containing aluminum also undergoes consider¬ 
able contraction. A much more pronounced contraction occurs 
in 7 alloys of the alkali metals. Bernal 1 has pointed out that 
the contraction increases as the structure departs more and more 
from a truly metallic one. The case of Ag 3 Lii (l is particularly 
interesting. It has been cited 2 as the first 7 phase to be found 
which does not follow the Hume-Rothery rule, for by no means 

1 Bernal, J. D., Trans. Faraday Soc 25, 369 (1929). 

* Bernal, J. D., and D. Crowfoot, Ann. RepU. {London), 30, 388 (1933). 
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can the valence electron-atom ratio be made 21:13. But, if the 
viewpoint of Zintl be accepted, then the large contraction in 
atomic volume which accompanies its formation may exclude it 
from the y phases which are expected to conform to the rule. 


Table 39.—Atomic Volumes in the y Phases* 


Compound 

Mean atomic volume 

Difference, 

Calc. 

Obs. 

per cent 

CiibZns 

13.5 

13.3 

- 1.5 

Cu 9 A1 4 

13.2 

12.6 

- 5.0 

Cu 3 iSn 8 

15.0 

13.8 

- 1.0 

AgbZng 

16.0 

16.2 

+1.2 

AgfiCdg 

19.0 

19.0 

0 

Fe 5 Zn 2 i 

14.4 

13.93 

- 3.0 

C05Z1121 

14.4 

13.80 

- 4.5 

Ni 6 Zn 2 i 

14.37 

13.58 

- 5.5 

NuCd>i 

19.60 

17.89 

- 8.7 

PtbZnoi 

14.98 

14.21 

- 5.1 

Pd 5 Zn>i 

15.06 

14.44 

- 4.1 

Ag 3 Liio 

20.5 

18.1 

-12.0 

Na,iPh 8 

37.7 

1 

30.3 

-20.0 


* The values of atomic volumes used to obtain the mean calculated values are from M. C. 
Neuburgcr, Z. Kriat., 86, 395 (1933). 


The e Phases .—These alloys are also characterized by a con¬ 
stant ratio of valence electrons to atoms. In this case, as shown 
in Table 40, it is 7 :4. 

Table 40.—Concentration of Valence Electrons in Some 6 Phase 

Alloys 

CuZn* 7:4 Ag 5 A 1, 14:8 AuCd, 7:4 FeZn 7 14:8 

C113S11 7:4 AgZn :i 7:4 AuZn 3 7:4 

Cu*Gc 7:4 AgCd. 7:4 AuiSn 7:4 

Ag 3 In 7:4 Au 8 Hg 7:4 

AgsSn 7:4 AuiAl, 7:4 

The structures are all hexagonal, close packed, with an axial 
ratio usually slightly below the 1.63 characteristic of close- 
packed spheres. In all cases, with decreasing content of copper, 
silver, or gold, the axial ratio decreases slightly. This € phase 
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is found in some systems in which the and y phases do not 
occur, and in these systems it is in equilibrium with the a solid 
solution. Of considerable interest is the discovery that, even 
in some of the systems containing jS and y phases (notably Ag-Cd 
and Ag-Zn), there is an intermediate temperature range in which 
the ft phase is transformed into a close-packed hexagonal phase 
isomorphous with the e structure and in equilibrium with the 
a phase. 1 

CuZn CuZn Cu s Zn s CuZn 3 

70,000 

c 

£60.000 
k 50,000 
J 40,000 
I'30.000 
* 20,000 
J)0,000 

0 

( 

Zn, per cent Zn, per cent 

A B 

Fig. 27.— A, tensile strength of brass. ( Tensile. strength and ductility from 
Leighou, “Chemistry of Engineering Materials ” McGraw-Hill Book Co., New York.) 
B , ductility and electrical resistance of brass. [Electrical resistance from data in 
N. Puschin and W. Rjaschsky: Z. anorg. allgem. Chem., 82, 50 (1913).] 

The Properties of the ft, 7 , and e Phases— The electrical and 
mechanical properties of intermediate phases as compared 
with pure metals and solid solutions may be illustrated by a con¬ 
sideration of brass. In Fig. 27 composition is plotted against 
electrical resistance, ductility, and tensile strength. These 
curves, observed in the light of the picture which we now 
have acquired concerning the relation between the metallic 
state and the properties of metals and alloys, give a general 
outline of the whole story of the relation between these properties 
and the structure of intermediate phases. 

As zinc is added to pure copper, the resistance rises, a reaction 
characteristic of all solid solutions. At the appearance of the 
j8 brass, CuZn, it begins to decrease and the pure CuZn has almost 

1 Feaenkbl, W., and A. Wolf, Z. anorg. aUgem. Chem ., 189, 145 (1930); 
Weotgren, Arne, Z. angew. Chem., 45, 33 (1932). 
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as high a conductivity as does pure copper . 1 Now, in the region 
50 to 60 per cent zinc, we have a mixture of 0 and y brass, and as 
the proportion of the good conductor (0 brass) decreases, the 
resistance increases to a maximum for pure CusZng. With the 
solution of excess zinc in the y brass lattice, there is a moderate 
decrease in resistance until a point is reached where c brass 
predominates. With pure e brass another maximum in resistance 
occurs. 

The ductility of brass reaches a maximum at the point where 
the a solid solution of zinc in copper is approximately saturated. 
Beta brass shows an appreciable degree of ductility, but in y 
and € brass the ductility is negligible, these phases being very 
brittle and hard. Tensile strength varies in much the same 
fashion, a maximum occurring in the 0 brass field and the 
strength then diminishing to a very low figure for y and e brass. 
It is evident, then, why the commercial use of brass is confined 
almost entirely to the a and 0 phases. These are ductile and 
soft enough to be formed and machined. They are relatively 
strong and hard enough to retain their shape and resist ordinary 
wear when in use. Gamma brass, on the other hand, is so 
brittle that a piece the size of a pencil is apt to shatter if dropped 
to the floor. “White brass,” the y and e phases, is used only 
occasionally for casting small ornaments. In making band 
instruments those parts which must be shaped are of a brass. 
The keys, however, must be very rigid and hard in order that 
their action be efficient, and they are sometimes cast of y brass. 

The properties which have been described for 7 and e brass are 
typical of a number of intermediate phases, and many other 
examples might be cited of the advantage taken of this knowledge 
in industry. To mention only one more: A bearing metal must 
be soft in order that it may “work in” to fit the shaft after 
casting. Once having been fitted, however, it should resist 
abrasion. The ideal bearing metal, therefore, is a mixture of a 
hard, resistant intermediate phase and a solid solution. Babbitt 
metal (90 per cent tin, 8 per cent antimony, 2 per cent copper) 
consists of the compounds SbSn and CusSn embedded in tin. 

l This may be expected in a completely ordered alloy like CuZn. See 
N. F. Mott and H. Jones, “Theory of the Properties of Metals and 
Alloys,” Oxford University Press, New York, 1936. 
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The crystals of the compounds may be clearly seen in the photo¬ 
micrograph shown in Fig. 28. 

The general characteristics of the 7 and e phases are compared 
in Table 41 with those of solid solutions. This should be applied 



Fig. 28.—Tin-copper-antimony hearing metal. (Law.) 

to other intermediate phases only in the broadest sense, since it is, 
unfortunately, subject to many exceptions. 

Table 41.—Characteristic Properties of Solid Solutions and 7 and c 

Phases 

Solid Solutions 7 and e Phases 

Electrical conductivity: high, but less 

than either pure constituent Low; many very resistant 

Thermal conductivity: high, hut less than 

either pure constituent Lower 

Hardness: relatively soft, but harder than 
either pure metal Hard 

Relatively ductile Brittle 

Apt’to be stronger than either pure metal 

Melting point: generally lower than aver- High : apt to be higher than either 
age of constituents. Sometimes lower pure constituent 
than either pure metal 
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Because of their high resistance, it is fair to assume that in the 
7 and e phases the bonds between atoms are not true metallic 
bonds but must be, to some extent, homopolar or covalent. 
Some of the electrons, at least, are more firmly attached to 
definite atoms than they are in the metallic state. There is 
considerable additional evidence to support such an assumption. 
Strong diamagnetism may be evidence of homopolar bonds in 
a metal or compound. Many metals are diamagnetic because 
they are composed of diamagnetic atoms, but if the diamagnetism 
is a result of homopolar bonds in the crystal, it will decrease 
rapidly as the temperature increases and will vanish at the 
melting point when the crystal breaks down. This is the case 
with many of the y structures. It has been shown 1 that CusZng 
and Cu 3 iSn 8 are both strongly diamagnetic, although copper, 
zinc, and tin show little' diamagnetism. Bernal 2 has found the 
same to be true of C119AI4, although aluminum itself is definitely 
paramagnetic. 

The apparent dependence of these phases upon a constant ratio 
of valence electrons to atoms is surely suggestive of homopolar 
binding. The simplest familiar case of this nature is the long 
series of homopolar crystals of which the group GeGe, GaAs, 
ZnSe, CuBr is representative, in which the ratio of valence 
electrons to atoms is as 8 : 2 . 

That this valence 1 electron-atom ratio is fundamental in the 
7 alloys is confirmed by their solubility relations. If these 
structures are really homopolar, their very existence depends upon 
maintaining a ratio of 21 valence electrons for each 13. atoms, 
and it should be 1 impossible to dissolve copper, for example, in 
CiuZn*; for the substitution of a copper atom with one valence 
electron for a zinc atom with two valence electrons would bring 
the ratio below 21:13. Experiment- shows that CusZng will not 
dissolve an excess of copper, nor will Cu 9 A1 4 or Cu 3 iSn 8 dissolve 
copper. On the other hand, the substitution of zinc for copper 
will not reduce the number of electrons below the minimum 
required to hold 13 atoms but will actually increase it, and there 
is no reason to believe that such a substitution is prohibitive. 
Actually, a substitution of zinc for copper might be expected to 

1 Honda, K., and II. Endo, J. Inst. Metals , 37, 29 (1927). 

* Bernal, J. D., Trans. Faraday Soc.> 25, 37 (1929), 
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increase the conductivity of the compound, because there is one 
electron in addition to those needed ( 21 ) to satisfy the homopolar 
bonds. Reference to Fig. 27 shows that the conductivity of 
CusZng does increase as it dissolves an excess of zinc. To go a 
step farther, inasmuch as the substitution of one zinc for one 
copper adds one electron, while the substitution of one aluminum 
for one copper adds two, and of one tin for one copper, three, it 
may be predicted that it is possible to dissolve more zinc than 
aluminum or tin in the 7 alloy before it becomes unstable. This 
has been confirmed by experiment, the ranges of solid solubility 
of the metals in the 7 alloy being: 8 atomic per cent of zinc in 
Cu 5 Zn 8 , 4 atomic per cent of aluminum in Cu 9 A1 4 , and 0.5 atomic 
per cent of tin in CusiSng . 1 

Accurate knowledge of these alloys is still quite fragmentary. 
No doubt they are characterized by homopolar bonds. Whether 
all the bonds are homopolar and how these bonds are directed, 
cannot be said with any certainty. If they are typically homo- 
polar, they should show the phenomenon of minimum resist¬ 
ance at low temperature and studies of this sort will no doubt 
be made in an attempt to classify this interesting group more 
accurately. 

The properties of the 0 phases are very different from those of 
the 7 and e phases. The conductivity is a maximum at the 
exact composition CuZn, for example, while in the 7 phase the 
conductivity reaches a minimum at the exact composition 
Cu&Zn 8 . That is, the solution of an excess of one of the con¬ 
stituent metals in a /3 phase lowers its conductivity, while the 
same procedure raises the conductivity of a 7 or e phase. At 
relatively high temperature the range of solid solubility of the 
ft phase is extended, and it is capable of dissolving a considerable 
excess of either constituent metal. There is the implication that 
an electron-atom ratio of less than 3:2 does not reduce its sta¬ 
bility and thus that homopolar bonding is not an important 
factor. The 0 phase is relatively ductile and strong. It has, in 
short, the properties characteristic of the metallic state. Its 
exact nature is not known; it is often called a secondary solid 
solution—a phase having the properties of a solid solution, but a 
structure different from that of either parent structure. 

1 Ibid . 
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It will help to summarize briefly the outstanding features of the 
alloys just described. To many of them the three intermediate 
phases, 0 , 7 , and e, are common. 


Phase 

Crystal structure 

Electron- 

atom 

ratio 

Valence 

electron 

concen¬ 

tration 

0 

Cubic: majority CsCl structure; some 0-Mn 




structure; see also Fig. 25 

3:2 

1.5 

y 

Cubic: large unit cells containing 52 to 416 




atoms; see Fig. 26 

21:13 

1.61 

€ 

Hexagonal: close packed; axial ratio less than 




that for close-packed spheres 

7:4 

1.75 


In the large Zone VII in Chart A occur many compounds which 
possess metallic properties to a varying degree, but are also_ 
related to the ionic and covalent compounds. Those which are 
particularly metallic are the compounds of the transition elements 
and the noble metals with arsenic, antimony, bismuth, sulfur, 
selenium, and tellurium. These will be considered in detail in 
the next chapter. It may be noted here, however, that in this 
group the ratio of valence electrons to atoms may be 6:2 or 5:2 in 
those compounds having the nickel arsenide structure ( e.g ., 
NiAs, FeS, CoS). In fact, all compounds for which the ratio of 
valence electrons to atoms is less than 8:2 show some metallic 
properties, and as the ratio decreases, the compounds become 
increasingly metallic in nature. 

These empirical relationships between crystal structure and 
electron density, first proposed ten years ago, have finally been 
given a quantum mechanical explanation 1 which points to a more 
fundamental understanding of the metallic state. Jones’s treat¬ 
ment suggests that in each crystal structure there may occur a 
maximum number of valence electrons per unit cell; and that 
different structures will be based on definite valence electron 
to atom ratios. Jones’ calculated limiting electron-atom ratios 
compare with the empirical values of Hume-Rothery as follows: 

1 Jones, H., Proc, Roy . Soc. (London), A 144, 255 (1934); A 147, 396 
(1934); Mott, N. F., and H. Jones, “Theory of the Properties of Metals and 
Alloys," pp. 168-174, Oxford University Press, New York, 1936. 




140 


CRYSTAL CHEMISTRY 


Phase 

a 


7 

Jones. 1 

1.362 

1.480 

1.538 

Hume-Rothery. 

1.4 approx. 

1.5 

1.61 



The actual structures must be assumed for the calculations; 
it is not yet possible to predict them. 

While the Hume-Rothery rule arose from a correlation of 
structural data for a small group of binary alloys of silver or 
copper with certain 18 -shell atoms, it is quite apparent that there 
has been a concerted attempt to apply it more generally. The 
attempt is justified, but the number of apparent exceptions which 
have been found, make it advisable to consider its possible 
limitations. 

Certain /3 and 7 structures do not appear to fit the proper 
electron-atom ratios and numerous explanations have been 
offered and assumptions made. Generally neglected, but cer¬ 
tainly of equal significance, are many binary systems in which 
the electron-atom ratio appears to be met and yet no 7 phase 
has been found. 

No doubt, the wise course, pending a more thorough under¬ 
standing of the matter, is to recognize the Hume-Rothery rule 
as an interesting generalization, significant and of great value 
when applied to certain alloys of copper and silver, but unproven, 
as yet, for any wider application. 

Intermediate Phases of the Transition Elements with Boron, 
Carbon, Nitrogen and Hydrogen.—These elements, it will be 
remembered, are unique in that, because of their small size, they 
form interstitial solid solutions with many of the transition ele¬ 
ments. Intermediate phases are also formed in many of these 
systems and are distinctive ki some respects. 

In the first place, it is interesting to note that a metal com¬ 
bined with any of these elements forms a compound with metallic 
properties only if it is a transition metal. The alkali carbides 
are ionic compounds; 1 calcium carbide is a substance familiar 
to all students of chemistry as the source of acetylene, and is not 
in the least metallic. It is a very different story when the tran¬ 
sition elements form hydrides, carbides, nitrides, or borides. 

1 Zintl, E., and A. Harder, Z. physik. Chem. } B 14, 265 (1931). 
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Owing primarily to the efforts of Hagg, this group of alloys has 
been studied sufficiently to permit a rather definite picture of 
their fundamental nature. His early work has been summarized 
briefly and clearly by Westgren. 1 

Hagg 2 has shown that when the Ra‘-Rx ratio is less than 0.59, 
i.e ., when the metalloid atom is small compared with the metal, 
then the phases crystallize in very simple lattices. Because 
of their low atomic numbers, it is very difficult to find the posi¬ 
tions of hydrogen, carbon, or nitrogen in the lattice by X-ray 
analysis. The lattice of the metal atoms is either face-centered 
cubic, body-centered cubic, close-packed hexagonal or simple 
hexagonal—sometimes slightly distorted. The metalloid atoms 
occupy the voids in these simple structures. Thus when car¬ 
bon, for example, fills the interstices in one of the cubic lattices, 
the compound as a whole will have the sodium chloride structure. 
When the R A : R x value is greater than 0.59, the interstices in 
the metal lattice are no longer large enough to accommodate the 
metalloid atoms, and more complicated structures are formed. 
The influence of atomic radii upon structure is illustrated in 
Table 42, showing all the known phases of interstitial alloys 
which fulfill the conditions for the formation of simple structures. 
It appears that these simple phases correspond to or approach 
MtX, M 2 X, MX, and MX 2 , where M is the transition metal 
and X is the metalloid. In most of the M 2 X phases, the atoms 
of the metal are in a close-packed hexagonal lattice; in most 
of the MX alloys they form a face-centered cubic lattice, and, 
when the metalloid atoms are added interstitially, they generally 
form the sodium chloride structure. MoN, having the nickel 
arsenide structure, is an exception. 

The geometrical relations in the series Ti-H, Zr-H, and Ta-H 
are interesting. 3 Apparently TiH and ZrH are analogous to 
TiC and CrN and possesses the NaCl structure. But, if this 
were true and hydrogen and the metal were in contact, then the 
radius of hydrogen would be 0.7-0.8 A, which is too high, judging 
from its position in other interstitial structures. The radius of 
hydrogen in most of these structures is about 0.4 A. This dis- 

1 Westgren, Arne, J. Franklin Inst., 212, 577 (1931). 

* Hagg, G., Z. phyttik. Chan., B 12, 33 (1931). 

»/Wd., B 11, 433 (1930). 
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Table 42. —Survey of the Interstitial Intermediate Phases of the 
Transition Elements in Combination with Hydrogen, Carbon, 
and Nitrogen* 


System 

Rx*Rm 

MaX 

m 2 x 

MX 

mx 2 

Zi-H 

0.29 

12a, 4 

126, 4 

12a, 4 

ThC, 

Ta-H 

0.32 


126, 4 

8a, 4 

? 

Ti-H 

0.32 


126, 4 

12a, 4 

12a, 4 

Pd-H 

0.34 


12a, 4 

? 

? 

La 






Ce 






PrC 

0.42 

? 

? 

? 

LaC 2 

Nd 






Th-C 

0.43 

? 

? 

? 

ThC 2 

Zr-N 

0.45 

? 

? 

12a, 6 

? 

Sc-N 

0.47 j 

? 

? 

12a, 6 

? 

u-c 

0.48 

? 

? 

? 

LaCi 

Zr-C 

0.48 

? 

? 

12a, 6 

? 

Cb-N 

0.49 

? 

? 

12a, 6 

? 

Ti-N 

0.49 

? 

? 

12a, 6 

? 

W-N 

0.51 


12a, 6 

? 

? 

Mo-N i 

0.52 


12a, 6 

86, 6 

? 

V-N 

0.53 

? 

? 

12a, 6 

? 

cb-c ! 

0 53 

? 

? 

12a, 6 

? 

Ti-C 

0.53 

? 

? 

12a, 6 

? 

Ta-C 

0.53 

? 

126, 6 

12a, 6 

? 

Mn-N 

0.55 

12a, 6 

126, 6 

? 

? also Mn 3 N 2 

W-C 

0.55 


126, 6 

86, 6 

? 

Cr-N 

0.56 


126, 6 

12a, 6 

? 

Mo-C 

0.56 


126, 6 

? 

? 

Fe-N 

0.56 

12a, 6 

126, 6 

? 

? also FejN 

V-C 

0.58 


126, 6 

12a, 6 

? 

Cr-C 

0.60 

12a, 6 




Mn-C 

0.60 

12a, 6 




Cr-C 

0.60 

Complex 

structures Cr 3 C 2 , Cr 7 C 3 , Cr 4 C 

Mn-C 

0.60 

Complex structures Mn 7 C 3 , Mn 4 C, Mn*C 

Fe-C 

0.60 

Complex structure 

Fc 3 C 

Co-C j 

0.61 

Complex structure 

Co 3 C 

Ni-C 

0.61 

Complex structure 

Ni 3 C 


a * cubic or pseudocubic. 
b * hexagonal or pseudohexagonal. 

First figure is the coordination of the metal atoms. 

Last figure is the coordination between metal and metalloid atoms. 

• HAoo, G., Z. phytik. Chem ., B IS, 33 (1931). 
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crepancy is avoided if it be assumed that hydrogen atoms fill 
the next to the largest spaces, rather than the largest. This type 
of penetration is shown in Fig. 29. If the hydrogen atoms filled 
the largest interstices in the face-centered cubic lattice of titan¬ 
ium, they would take the positions shown in Fig. 29a, forming 
a NaCl lattice. Actually, however, they probably fill the smaller 
spaces, and the zinc-blende structure of Fig. 296 results. It is 
obvious that this is only a halfway point, as it were, for only 
four of the eight identical spaces have been filled. The gradual 
filling of the other four accounts for the ease with which hydrogen 






Nad 

A B-Tiff C-Till2 

Fig. 29.—Possible positions of hydrogen atoms in interstitial hydrides. Black 
circles are hydrogens. [From A. Westgren, J . Franklin Inst., 212, 577 (1931), 
by permission of the Franklin Institute.] 


may be dissolved in TiH, resulting in a homogeneous range for 
this phase extending from 50 per cent hydrogen, TiH, to 67 per 
cent hydrogen, TiH 2 . When the interstices are entirely filled, 
the structure shown in Fig. 29c, that of CaF 2 , results, and corre¬ 
sponds to the compound TiH 2 . Similarly, in the close-packed 
hexagonal phases of these systems, hydrogen atoms probably 
go into the next to the largest interstices to form an incomplete 
wurtzite structure, corresponding to the formulas Ti 2 H, Zr 2 H, 
and Ta 2 H. In TaH alone the hydrogen atoms are probably in 
the largest interstices. 

A few of the dicarbides have been studied, 1 and again, the 
dependence of crystal structure upon the size of the building 
stones is nicely illustrated. The two carbon atoms of the mole¬ 
cule act as a Cj group in the crystal lattice (see Fig. 30). This C* 

1 Stackblburo, M. von, Z . physik. Chem., B 9,437 (1930). 
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group is relatively large and elongated, as compared with the 
single carbon atom in the monocarbides. As a result the 
dicarbides are tetragonal, rather than cubic, and they are only 
possible for the larger transition elements which will form larger 
interstices in the simple metal lattice. The series CaC 2 , SrC 2 , 
BaC 2 , LaC 2 , CeC 2 , PrC 2 , NdC 2 is structurally isomorphous. 
There is no mistaking those of the transition elements, however. 
They are distinctly metallic in properties and show a consider¬ 
able solid solubility range, while the alkaline earth dicarbides 
do not dissolve an excess of either component and they are 
transparent. 

Properties of Interstitial Intermediate Phases .—The mechanical 
properties of the carbides, in particular, are of very great impor¬ 
tance in connection with the heat treatment of alloy steels. 
Fe 3 C, cementite, is an important constituent of all cast irons and 
is an extremely hard and brittle substance. From the standpoint 
of industrial application, the hardness of the carbides and nitrides 
is being applied to advantage with increasing frequency. The 
formation of Fe 3 C in steel is a part of case hardening. Case 
hardening may also be accomplished by inducing the formation of 
Fe 3 N. An alloy of which tungsten carbide is the main constit¬ 
uent has found wide use as a cutting tool, as has chromium 
carbide. A recent forward step has been the production of 
tantalum carbide in a form suitable for use as a high speed tool. 
This is probably the most resistant material which has ever been 
made available for general use. A comparison of some of its 
properties with those of tungsten carbide, until recently the most 
resistant tool material in use, brings out its superiority in striking 
fashion . 1 All of the hard transition metal carbides are very 
brittle and not used as machine tools in the pure form. They 
are ground to a fine powder and mixed with a suitable binder. 
Iron and manganese have been used as binders; at present, 
cobalt is in favor. The nature and amount of binder used have 
an appreciable effect upon the hardness and strength of the 
product. The hardness of TaC and of CbC is 9 + , on the Moh’s 
scale (diamond = 10, corundum = 9). The comparative wear¬ 
ing qualities of the two carbides, TaC and WC, are demonstrated 
by the following data: 

1 Kelley, F. C., Trans. Am. Soc. Steel Treating , 19, 233 (1932). 



THE NATURE OF ALLOYS 


145 


Test piece. 3J per cent nickel steel, Brinell hardness 219 

Conditions. yV in. cut, 0.025-in. feed, 180 ft. per minute 

Results. WC, 13 per cent cobalt binder, life of tool = 15.4 min. 

WC, 6 per cent cobalt binder, life of tool = 26.2 min. 
TaC, 13 per cent cobalt binder, no wear after 40 min. 


The following are typical tests which indicate the value of 
tantalum carbide tools : 1 

1. Turned the entire length of a 12 to 15 per cent manganese steel, 43 in. 
long. Feed, 0.01 in.; speed, 100 ft.; cutting time, 1 hr. 

2. Used for roughing cut on a cast-iron roll, 8 in. diameter, 4 ft. long. 
lV to 1-in. cut, 0.017-in. feed. Speed, 200 ft. per minute. (This roll had 
four 1-in. keyways for its entire length.) 

The second test described is remarkable evidence of the resist¬ 
ance to shock which a tantalum carbide tool exhibits. In both 
the above tests the tool showed little wear at the end of the run. 

Inasmuch as considerable expense is involved in the sharpening 
and readjustment of tools in many machine operations, the time 
and money which might be saved by the use of these “long life” 
carbides should more than compensate for their high original cost. 

Strange from the older chemical viewpoint, but quite consistent 
with the views of crystal chemistry, is the similarity of carbon and 
nitrogen in their influence upon iron. Their behavior has nothing 
to do with their chemical properties, but appears to be a matter of 
size. A detailed discussion of the many ramifications of the heat 
treatment of steel is beyond the scope of this book. However 
the importance of atomic size in connection with this prob¬ 
lem and the parallelism of carbon and nitrogen may be illus¬ 
trated briefly. In austenite the iron is in the face-centered 
cubic 7 form and the carbon atoms are in solid solution in the 
metal interstices. Upon slow cooling, the iron changes to the 
body-centered cubic a form, whereupon there is no longer room 
enough to accommodate all the carbon atoms and they are ejected 
from solution and form comentite, Fe 3 C. If, on the other hand, 
the 7 iron is suddenly chilled, the carbon does not have a chance 
to escape, but remains dissolved in the iron lattice, distorting it 
to the body-centered tetragonal structure known as marten¬ 
site. A similar effect occurs in the iron-nitrogen system. It is 
possible to dissolve 3 per cent of nitrogen in 7 iron, whereas a iron 

1 Balkb, C. W., Discussion accompanying Kelley’s paper, op. cit. 
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will retain, under normal conditions, only 0.2 per cent of nitrogen. 
By quenching a y iron containing, say 1.5 per cent nitrogen the 
distorted, tetragonal martensite structure can be produced, even 
though no carbon is present. 

Intermediate Phases of the Alkalies and Alkaline Earths.— 

Recently Zintl and his collaborators 1 have systematically sur¬ 
veyed a large number of the alloys of the alkali and alkaline 
earth metals, so that for the first time sufficient data are at hand 
to consider the behavior of these metals as a group. The imme¬ 
diate purpose of these investigators was to follow the formation 
of the P phase in alloys of the alkali and alkaline earth metals with 
copper, silver, and gold and the Class II metals; and to compare 
the P phases of these systems with the p phase typified by 
that of p brass. Their investigation was prompted' by the 
observation that the compounds NaTl and NaPba possess 
properties characteristic of the P phases but do not follow the 
3:2 valence electron-atom rule. The systems studied and the 
data obtained are listed in Table 43. 

Only mixtures of 50 atomic per cent of each metal were 
investigated. Because the CsCl structure is stable only when 
the Ra'Rx ratio is 0.73-1.00, Zintl selected only those metal 
pairs which fulfill these requirements. The p phases of copper, 
silver, and gold have been included in the table for comparison. 
Most of the p structures are of the CsCl type. The NaTl struc¬ 
ture is also body-centered cubic, but about twice as large. 2 It 
may occur only when the ratio Ra-Rx is unity. It will be 
observed that the P structures may be divided into two groups; 
those in which the atomic radii are the same as their radii in the 
pure metallic state (Cu, Ag, and Au with Zn, Cd, Be, and Pd), 
and those in which the formation of the intermediate phase 
has caused a marked contraction. To this latter group belong 
also the phases with the NaTl structure and AlCus. 

To discover the significance of this contraction we must know 
which metal atom of the pair undergoes a decrease in size. The 
NaTl structure offers the opportunity to learn this, since in this 
structure it is geometrically necessary that both metals be the 

1 A fairly complete summary of the important results may be found in 
Zintl, E, and G. Brauer, Z. physik. Chem., B 20, 245 (1933). 

1 Zintl, E., and W. Dullbnkopf, Z. phyeik. Chem B 16, 195 (1932). 
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Table 43.— Beta Phases in Alloys op Alkali and Alkaline Earth 

Metals* 


Systems 

studied 

Phase 

Intera¬ 
tomic dis¬ 
tance 

Sum of 
radii t 

Linear 
contraction 
per cent 

Electron 

:atom 

ratio 

Li-Ag 

Li-Au 

CsCl structure 

Li-Zn 

ZnCu 

2.56 

2.58 

0 approx. 

3:2 

Li-Cd 

BeCu 

2.33 

2.34 

0 approx. 

3:2 

Li-Hg 

PdCu 

2.59 

2.57 

0 

3:2(a) 

Li-Ga 

ZnAg 

2.74 

2.74 

0 

3:2 

Li-In 

CdAg 

2.88 

2.87 

0 

3:2 

Li-Tl 

ZnAu 

2.73 

2.74 

0 

3:2 

Li-Sn 

CdAu 

2.89 

2.87 

0 

3:2 

Li-Bi 

Mg-Tl 

LiAg 

2.74 

2.92 

6 

2:2 

Ca-Tl 

LiHg 

2.85 

3.02 

6 

3:2 

Sr-Tl 

LiTl 

2.97 

3.18 

7 

4:2 

Ba-Tl 

MgAg 

2.84 

2.95 

4 

3:2 

K-Tl 

MgTl 

3.14 

3.21 

2 

5:2 

Ca-Pb 

CaTl 

3.33 

3.57 

7 

5:2 

Sr-Pb 

SrTl 

3.49 

3.76 

7 

5:2 

Ce-Pb 

NiAJ 

2.44 

2.60 

6 

3:2 

Na-Ag 

Ca-Ag 

Li-Al 

CoAl 

2.47 

2.61 

5 

3:2 


NaTl Structure 


Li-Al 

2.76 

2.931 




LiGa 

2.68 

2.86 

6 

4:2 


LiZn 

2.69 

2.86 

6 

3:2 


LiCd 

2.90 

2.99 

3 

3:2 


Liln 

2.94 

3.04 

3 

4:2 


NaTl 

3 24 

3.52 

8 

4:2 


A1Cu 3 (6) 

2.53 

2.63 

4 

6:4 


SnCm 

2.57 

2.57(c) 

0 

9:6 


a. PdCu is believed to conform to the 3: 2 ratio. 

b. Extrapolated from the constant for (Cu, Mn)*Al: Peksoon, E., Z. Pkysik, VI, 115 
(1929). 

c. The phase SnCue extends from 14 to 20 per cent tin, the average composition being 
17 per cent tin, and the distribution of tin atoms statistical. Radius calculated from 
formula: 


Sum of radii - 2(0.17Rsn + 0.83«Cu) - 2.57 A 

* Zintl, E., and O. Brauur, Z. pkysik. Chem., B 30, 245 (1933). 
t See Table 122, Appendix. Values corrected for coordination number. 
I Zintl, E., and Woltersdorf, Z. Elektroekem ., 41, 876 (1935). 
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Table 44.— Atomic Radii in Crystals with the NaTl Structure 


Atomic 
radius of 

In the 
phase 

Found 

Atomic 

radius* 

Difference, 
per cent 

Lithium. 

LiZn 

1.34 

1.52 

12 


LiGa 

1.34 


12 


LiCd 

1.45 


5 


Liln 

1.47 


3 

Sodium. 

NaTl 

1 .62 

1.86 

13 

Zinc. 

LiZn 

1 .34 

1 .34 

0 

Gallium. 

LiGa 

1 .34 

1.34 

0 

Cadmium. 

| LiCd 

1.45 

1.47 

1 

Indium. 

j Liln 

1 .47 

1.52 

3 

Thallium. 

! NaTl 

1.62 

1.66 

2 


* See Table 122, Appendix. 


same size. The radii of the atoms can then be determined as 
illustrated in Table 44. 1 

These data point out two facts of interest. First, it is evident 
that it is the alkali atom which has contracted. Second, the 
smaller the atom with which it is paired, the greater the con¬ 
traction of the alkali. This effect is quite consistent with the 
usual conception of polarization. The alkali atoms are relatively 
large. The other atoms are small, and polarization of the alkali 
atoms is to be expected. Without doubt, this abnormal con¬ 
traction produces a structure in which the interatomic bonds 
are no longer strictly metallic, in contrast to the p phases, in 
which little or no contraction occurs, which have the properties 
of true metals. Beyond the realm of mere coincidence is the 
fact that it is these phases, in which the large contraction occurs, 
which do not follow the Hume-Rothery valence electron-atom 
rule. As has been remarked above, it is quite possible that the 
rule should not be applied to such alloys. 

The question may be raised as to whether the alkali metals can 
form true y phases. Several large unit cells, characteristic of the 
7 phase have been reported, among which may be mentioned 
Na 4 Pb , 2 Li 4 Sn , 3 and AgsLiio . 4 The first of these is face-centered 

1 Zintl, E. aud G. Brauer, Z. physik. Chem., B 20, 245 (1933). 

* Stillwell, C. W., and W. K. Robinson, J. Am. Chem. Soc ., 65, 127 
(1933). 

a Baroni, A., Atti accad. Lincei , (6) 16, 153 (1932). 

4 Perlitz, Harold, Z. Krist 86, 155 (1933). 
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cubic with 78 atoms in the unit cell. The first two may be 
written as Na 3 iPb 8 and Li 3 iSn 8 , respectively, to conform to the 
21:13 ratio requirement. The abnormal contraction of the first 
and third have already been discussed. Whether or not the 
alkali metals form true y phases cannot be stated until the criteria 
for a true y phase are more clearly established. 

Another group of alloys which has been found to be structurally 
similar includes NaPb**, 1 CaPb 3 , SrPb 3 , CePb 3 , CaTl 3 , CaSn 3 , 
CeSn 3 , 2 LaSn 3 and LaPb 3 , 3 PrSn 3 and PrPb 3 . 4 * These are inter¬ 
esting from the geometric standpoint, and because of their 
similarity to some of the important superstructures to be dis¬ 
cussed later. Goldschmidt has shown that for a cubic lattice 
of the type AX$, the ratio R A :Rx must be 1.0-2.4. It may be 
shown that all of the phases listed above fall within these limits, 
and, as one might predict, no phase LiPb 3 exists, since the radius 
of lithium is too small and the ratio R A :R X is less than unity. 
With this type structure, it should be geometrically impossible 
to have AX* and A*X phases in the same system. As a matter 
of fact, the alloys AuCu 3 , PdCu 3 , and PtCu 3 , superstructures 
isomorphous with NaPb 3 , are well known, but Au 3 Cu, Pd 3 Cu, 
and Pt 3 Cu apparently do not exist. 

As with the fi structures containing alkali metals and with the 
NaTl structure, there is an appreciable contraction of the inter¬ 
atomic distances in the NaPb 3 structure. A small contraction 
has also been measured for AuCu 3 , PdCu 3 , and PtCu 3 , so that it 
may be a function of the atomic arrangement as well as of the 
atoms. 

Intermediate Phases of Fixed Composition.—There are a great 
many intermediate phases which have a very narrow composition 
range, within 1 or 2 per cent, and may be considered as com¬ 
pounds of fixed composition. Typical examples are Mg 2 Pb, 
Cu 3 Sn, MgCu 2 , MgZn 2 , etc. 6 Most of the compounds formed in 
Zone VII on the chart of binary systems, if they be classed as 
intermetallic compounds, fall in this class. 

1 Zintl, E., Z. physik. Chem ., A 164, 63 (1931). Face-centered cubic: 
Na at the comers of the cube; Pb at face centers. 

* Zintl, E., and S. Neumayr, Z, Elektrochem ., 39, 86 (1933). 

5 Rossi, A., Atti accad . Lincei , (6) 17, 839 (1933). 

4 Rossi, A., and E. Chini, Gazz. chim . t tal. y 64, 832 (1934). 

6 See also Jurriaanse, T., Z. Kristy 90, 322 (1935). 
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The compounds are apt to occur either as a result of the elec¬ 
tronegative valency effect or when the difference in the metallic 
radii is large. In MgCu 2 and MgZn 2 , for example, the ratio of 
the volume of copper to magnesium is 1:2, and the structures are 
essentially the close-packed cubic and hexagonal structures of 
copper and zinc, respectively, in which one magnesium replaces 
two copper or zinc atoms. 

These compounds exhibit some of the same properties which 
characterize the phases of variable composition. They are 
hard and brittle; poor conductors of heat and electricity. 
The specific resistance of a series of such compounds, as compared 
with the specific resistance of their constituents, is given in 
Table 45 1 and may be taken as indicative of the nature of the 
bonds within the compound. 


Table 45. —Specific Resistances of Typical Intermetallic Compounds 


Compound 

Specific resist. 

X io* 

Specific resist, of elements X 10® 

Mg*Pb 

148 0 

Mg 4.4 

Pb 

21.1 

Mg 2 Sn 

1096.0 


Sn 

11.6 

MgCu 2 

5.5 


Cu 

1.7 

Mg 2 Cu 

11 9 




MgZn 2 

15 9 


Zn 

6.4 

Mg/Bi 

130.0 


Bi 

114. 

MgjAg 

16 0 


Ag 

1.6 

CujSn 

111 

Cu 1.7 

Sn 

11.6 

Cu 2 Sb 

8.3 


Sb 

39.0 

CujAs 

59.0 


As 

35.0 


In general, the resistance is, to a rough approximation, what 
might be expected. That is, when two typical metals form a 
compound, the resistance is relatively low, indicating that 
metallic bonds predominate in the so-called compound. When 
one element of the compound is strongly electronegative with 
respect to the other component, the resistance is apt to be high, 
suggesting the existence of nonmetallic forces in the crystal. 
There are notable inconsistencies within this second group, 

1 Humb-Rothery, William, “The Metallic State/’ p. 59. Oxford, 
Clarendon Press, New York, 1931. 
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however. Thus, although copper and magnesium are both true 
metals, and tin and lead are similar, the specific resistance of 
Mg 2 Pb is over ten times that of Cu 3 Sn, while Mg 2 Sn is one hun¬ 
dred times that of CuaSn. Undoubtedly the crystal structure 
of the compounds plays a part, particularly as it determines the 
coordination of the atoms. Both Mg 2 Sn and Mg 2 Pb have the 
fluorite structure, a typical ionic lattice with C.N. 8 and 4. 
Such low coordination is not characteristic of the metallic state 
and is conducive to an ionic rather than metallic bond in the 
crystals. 

Bismuth and arsenic being Class III elements, their compounds 
might be expected to show high electrical resistance; but Cu 2 Sb 
has an extremely low resistance. Such inconsistencies make 
it dangerous to attempt to generalize in any but the broadest 
terms. 

The conditions under which compounds, usually recognized as 
metallic, crystallize in ionic or covalent lattices have been dis¬ 
cussed by Zintl. 1 Typical compounds of this type are: SnSb 
(NaCl lattice); CuSn (NiAs structure); InSb (ZnS structure); 
Mg 2 Si (CaF 2 structure). Nonmetallic lattices may be formed 
when the anion building component has a valence of four or 
higher. Dehlinger goes so far as to visualize a gradual transition 
from the metallic to the ionic bond, depending upon A \s positivity 
with respect to X . 2 Thus, while the metallic bond will pre¬ 
dominate in the systems magnesium-zinc and zinc-aluminum, 
in the system magnesium-aluminum the bond will be more 
ionic due to the greater positivity of magnesium toward aluminum. 

Superlattices.—It will be recalled that when one metal dis¬ 
solves in another, the solute atoms replace the solvent atoms at 
random positions in the solvent lattice. If copper, for example, 
is added to face-centered cubic gold, there are no specific lattice 
points to which the solute atoms go in a definite order. When 
50 per cent of the atoms have been replaced, however, there is the 
chance for an orderly arrangement, at the composition AuCu, and 
this orderly arrangement is termed a superlattice. In most 
alloys which form superlattices, this rearrangement cannot take 

1 Zintl, E., and H. Kaiser, Z. anorg . allgem. Chem 211, 113 (1933). 

Zintl, E., and E. Huseman, Z. physik. Chem. } B 21, 138 (1933). 

* Dehlinger, U., Z. Elektrochem. y 41, 344 (1935). 
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place instantaneously, since it may require considerable juggling 
of the atoms. Given sufficient time, it will take place, because 
in the orderly arrangement the atoms take up the least space; 
and this arrangement is more stable, since each atom has an 
interatomic distance nearest to that in the pure metal. It 
often requires careful annealing to furnish the time needed for 
the rearrangement, although in some alloys ( e.g ., 0 brass) the 
ordered state cannot be prevented at room temperature. 

Again, as copper in excess of 50 atomic per cent is added to 
the alloy, it enters the lattice statistically until the composition 
AuCu 3 is reached. Here, given time by long annealing, the 
atoms can again arrange themselves in an orderly manner, a 
cubic structure with gold at the corners and copper atoms face 
centered. A gold-copper alloy in which the superlattice exists 
has physical properties more characteristic of intermetallic 
phases than does the disordered solid solution. It is more 
brittle, harder, and has better wearing qualities. This is applied 
to advantage in the treatment of gold-copper fountain-pen points. 

A superstructure in the Heusler alloys apparently accounts for 
their magnetism. 1 (Cu, Mn) 9 Al 4 , on annealing and cooling, 
has the Cu 9 A1 4 type of lattice. Quenching from 800°C. produces 
the magnetic alloy—body-centered cubic with a face-centered 
superstructure. 2 

A great deal of interest has recently been shown in the transi¬ 
tion from the disordered to the ordered distribution. Perhaps 
the most easily understood treatment of this ordered-disordered 
transformation is that of Bragg and Williams. 3 

Treating it as a dynamic equilibrium, they have shown that 
there is a critical temperature below which the ordered arrange¬ 
ment is stable, and the rate of cooling past this critical value 
must be slow if the atoms are to assume their ordered positions. 4 

1 Heusler, Otto, Z. Metallkunde, 25, 274 (1933). 

* Bradley, A. J., and J. W. Rogers, Proc. Roy. Soc. (London), A 144, 
340 (1934). 

3 Bragg, W. L., and E. J. Williams, Proc. Roy. Soc. (London), A 146, 699 
(1934). 

Bethe, H. A., Proc. Roy. Soc. (London), A 150, 552 (1935), has treated 
the problem of the ordered-disordered transition in a more rigorous manner, 
but his treatment is correspondingly difficult to apply. 

4 No such critical temperature has been found in the Fe-Si system. 
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The very excellent study of the superlattices of iron and 
aluminum, made by Bradley and Jay, 1 has demonstrated precisely 
the manner in which the atoms enter the positions in the lattice 
as the composition varies. From their results it has been possible 
to gain a rather clear insight into the factors which govern the 
formation of superlattices. 

The superlattices of iron and aluminum are body-centered 
cubic. 2 Bragg observed that, at equilibrium conditions, alu¬ 
minum atoms tend to avoid being nearest neighbors; they assume 
positions at the cube centers in FeAl. Furthermore, in Fe 3 Al 
they even avoid positions in cubes which are adjacent. 

This conception of the distribution has been enlarged upon and 
generalized by Hume-Rothery and Powell. 3 In any structure, 
the neighbors of any given atom are distributed in zones. Thus, 
in the body-centered cubic, an atom at the cube center has 8 near¬ 
est neighbors in the first zone, 6 in the second zone, 12 in the third 
equidistant zone and so on. An analysis of several superlattices 
indicates that the solute atoms are in the most distant possible 
zones, relative to each other. In Fe 3 Al the required number of 
aluminum atoms can be added without aluminum atoms having 
aluminum neighbors nearer than the third zone, and this is what 
actually occurs. As the number of aluminum atoms increases 
from 25 to 50 per cent, however, it is impossible to keep them 
out of the second zone, but the arrangement is such that no 
aluminum atoms are direct first zone neighbors. 

It is natural that the solute atoms should keep as far apart as 
they can, for they distort the solvent lattice, and the more uni¬ 
formly this distortion is distributed, the more stable will be the 
alloy structure. 

It follows, also, that other things being equal, the stability 
of a superlattice is greater, the greater the difference in atom 
diameters of solvent and solute metals; for with a large lattice 
distortion there is a greater tendency to relieve this strain by 
atomic arrangement. It is more than a coincidence, then, that 
superlattices are found in the Cu-Au system, but not in the 

Bradley, “A. J., and A. H. Jay, J. Iron Steel Inst 125, 339 (1932); 
Proc. Roy. Soc. (London), A 136, 219 (1932). 

8 Bragg, W. L., Nature , 131, 749 (1933). 

* Hume-Rothbry, William, and II. M. Powell, Z. Krist., 91, 23 (1935). 
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Ag-Au alloys. In Au-Pd, Sb-Bi, and Mo-W also the elements are 
too nearly the same size to favor superlattiee formation. 

Because of the size factor, superlattices are not over abundant. 
If the solvent and solute atoms are too nearly of a size, they 
affect so little distortion that an atomic rearrangement would 
have little effect on stability; if the size factor is too unfavorable 
not enough solute atoms can be taken in to form a superlattice 
of a low zone number. 

To summarize, then, superlattices are apt to occur when the 
diameters of solvent and solute are neither too nearly equal nor 
too unequal; and at the compositions marking the geometric 
completion of definite solute zones, viz., A$B and AB. 

Factors Influencing the Formation of Intermediate Phases.— 
The foregoing discussion of the formation of intermediate phases 
leads to the tentative conclusion, which can be safely applied 
only to those types of alloys which have actually been cited, that 
an intermediate phase may exist by virtue of one or more of the 
following conditions: 

1. The Size Factor.—This is probably the controlling influence 
in the formation of interstitial phases and the NaTl and NaPba 
structures described by Zintl. It also influences superlattice 
formation although these are not thought to be separate 
phases. 

2. The electron density appears to determine the structure of 
the so-called electron compounds. These are the (3 and y phases 
of Hume-Rothery and are generally made up of atoms of very 
nearly equal sizes. When the sizes of the atoms differ appreciably 
(as in Cu 5 Cd 8 ) the atomic distribution (but not the structure) 
is affected. 

3. Loosely held electrons in one atom and electron affinity in 
the other, or strong attraction between nuclei. These compounds 
exhibit both metallic and ionic properties; Mg 2 Sn is a typical 
example. 

The Definition of an Intermetallic Compound.—A consistent 
definition of an intermetallic compound is an elusive thing; for 
this reason, the term “intermediate phase” has been substituted 
throughout the discussion. Clark 1 says that when the forces of 
combination are strong enough to overcome the forces of diffu¬ 
sion, a compound will be formed. No doubt this is true, but it is 

1 Clark, G. L., Metals dt AUoys , 1, 21 (1930). 
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a general statement, and would hardly do as a definition. West- 
gren and Phragmen, 1 some years ago, proposed that in an ideal 
intermetallic compound, structurally equivalent atoms are 
chemically identical. For some time this appeared to be a very 
helpful criterion. It is obviously valid in well-known ionic and 
homopolar compounds. In sodium chloride, for example, the 
chemically equivalent chloride ions are on a face-centered cubic 
lattice and therefore structurally equivalent, while the sodium 
ions are on another face-centered cubic lattice. The inter¬ 
metallic compounds known at that time followed the rule equally 
well; even complicated structures, like y brass, seemed to con¬ 
form. In this crystal (see Fig. 28) the atoms are in four struc¬ 
turally equivalent groups containing 8, 8, 12, and 24 atoms, 
respectively, and it has been shown that the copper and zinc 
atoms are not arranged at random in this lattice, but the copper 
atoms, 20 in number, are in structurally equivalent groups 8 and 
12, while the 32 zinc atoms are in the groups 8 and 24. The 
same structural and chemical equivalence has been found in 
Ag 6 Zn 8 and AgsCd 8 . To be sure, Cu 5 Cd 8 apparently digresses 
somewhat 2 in that the grouping is copper, 8-8, and cadmium 
4-8-24, but it is worth noting that of these four compounds, 
CiuCds is the only one in which the divalent atom is appreciably 
larger than the univalent. 

With the structure analysis of |8 manganese and the subsequent 
discovery that the alloy Ag s Al is isomorphous with it, the situa¬ 
tion became more complicated. The manganese structure 
contains 20 atoms in the unit cell, two structurally equivalent 
groups of 8 and 12 atoms each. There are, therefore, 5 molecules 
of Ag 3 Al in a unit cell, but by no stretch of arithmetic can 15 silver 
atoms and 5 aluminum atoms be divided into these two groups 
so that one group is composed entirely of chemically equivalent 
silver atoms and the other of aluminum atoms. The matter 
becomes even worse for Cu 6 Si, also isomorphous with 0 man¬ 
ganese. Here it is impossible to have a whole number of mole¬ 
cules in the unit cell. As a matter of fact, X-ray diffraction data 
show clearly that in both these alloys the different metals are 
distributed statistically in the lattice and there is no suggestion 
of an orderly arrangement. The first reaction to this situation 

1 Westgren, Arne, and G. Phragmen, Phil. Mag., (6) 50, 31 (1925). 

* Bradley A. J., and C. H. Gregory, PhU . Mag., (7) 12,143 (1931). 
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was to assume that these are not true intermetallic compounds, 
since they violate the definition which had been established. 
It was soon realized, however, that this was not a useful assump¬ 
tion to make, because their properties are so typical of inter¬ 
metallic compounds. Westgren 1 has recently abandoned the 
definition of intermetallic compound as given above. 

In the last analysis an intermetallic compound can only be 
defined with the help of purely arbitrary assumptions. If it 
be assumed that the metallic bond is a chemical bond, intermedi¬ 
ate between the homopolar and ionic bonds—and a good case can 
be made out for this assumption—then all so-called intermetallic 
compounds and all solid solutions should be classed as com¬ 
pounds for the nature of the bonding forces is similar in all inter¬ 
mediate phases. 

If one wishes to subdivide intermediate phases into inter¬ 
metallic compounds of fixed or variable composition and solid 
solutions, this is best done on the basis of their properties. 
Those alloys which show evidence of binding forces other than 
truly metallic may be classed as intermetallic compounds. 

It is particularly necessary to fall back on this criterion in the 
classification of the superstructures. Are they, or are they not, 
to be classed as compounds? Their constituent metals are 
miscible in all proportions and there is no appreciable change in 
the nature of their binding forces when the arrangement of the 
atoms becomes orderly at certain compositions and under special 
conditions. In some cases their properties are characteristic of 
intermetallic compounds. But it is doubtful that they should 
be considered as separate phases. All degrees of ordered arrange¬ 
ment are possible in a solid solution and it is impossible to say 
arbitrarily at what stage solid solution ends and compound 
begins. It is interesting to be reminded in passing, however, 
that in compounds (e.g., sodium chloride) a superlattice or orderly 
arrangement is the normal thing, while in solid solutions the 
superlattice is abnormal. 

Of course, use of the term “compound of variable composition” 
flaunts the law of definite proportions, which students in ele¬ 
mentary chemistry have long been taught to accept as one of the 
fundamental tenets of the science. A y phase compound has 

1 Wbstghbn, Arne, Z. angew. Chem ., 45, 33 (1932). 
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recently been reported 1 as Mn^.gZnn. 9 - 10.1 a strange looking 
formula from the orthodox standpoint, but a true representation 
of the facts. 

The intermetallic compound of relatively fixed composition, 
FeSi 2 , is only stable with a slight excess of silicon. 2 The com¬ 
pound CuA 1 2 is not stable in exact stoichiometric proportions 3 
but must always contain a slight excess of aluminum. High- 
temperature electromotive force measurements on brass and 
similar alloys have shown that the range of the /3 phase (in brass, 
CuZn) does not always include the 50-50 composition. 4 

Most interesting, perhaps, are the compounds FeS, 5 FeSe, 6 
and FeO. 7 In each case there is a range of solid solubility on 
the iron-poor side of these compounds and, in spite of the law of 
definite proportions and the principles taught in elementary 
chemistry, a homogeneous compound, FeO, does not exist at 
room temperature. The stable lattice is apparently an ideal 
lattice for FeO, but with some of the iron atoms removed. 

Further examples of “compounds” of variable composition and 
their reconciliation with the law of definite proportions are dis¬ 
cussed in succeeding chapters. Hagg has recently presented this 
general subject in a very interesting manner. 8 Suffice it to 
say here that our present knowledge of the forces which produce 
chemical combination makes it apparent that constant composi¬ 
tion in compounds depends either upon electron transfer as in 
ionic compounds, or upon definite electron sharing, as in organic 
and other homopolar compounds. When chemical combination 
no longer depends upon these forces, there is no reason to expect 
compounds of constant composition. It is quite clear that the 
law of definite proportions does not, and would not be expected 
to, apply to “compounds” with metallic properties. 

1 Parravano, N., and V. Caglioto, Atti accad. Lincei (6) 14, 166 
(1931). 

2 Phragmen, Gosta, J. Iron A Steel Inst. } 116, 397 (1926). 

3 Stqckdale, D., J. Inst. Metals , 62, 111 (1933). 

Bradley, A. J., J. Inst. Metals , 52, 117 (1933). 

4 Olander, A., Z. physik. Chem., A 163, 107 U933); A 164, 428 (1933). 

6 Hagg, G., Nature , 131, 167 (1933). 

0 Hagg, G., and A. L. Kindstrom, Z. physik. Chem. y B 22, 453 (1933). 

7 Jbtte, K. R., and F. Foote, J. Chem. Phys., 1, 29 (1933). 

8 Hagg. G., Z. Krist., 91, 114 (1935). 



CHAPTER V 

THE STRUCTURES OF BINARY COMPOUNDS 

It has been shown that the structure of a crystal depends upon 
the relative numbers, the relative sizes, and the polarization 
properties of its building stones and upon the type of bonding 
forces between them. These criteria may be applied to the 
structures of binary compounds. Chart A, in the Appendix, is a 
classification of a number of the binary systems in such a way as 
to show the dependence of crystal structure and bond type upon 
the size and electronic structures of the components. It is a 
convenient outline and summary of the principles involved in the 
structure of binary compounds. 

The Ionic and Covalent Bonds. Polarization. —The nature of 
the chemical bond in crystals plays an important part in any 
discussion of crystal structure. Polarization also exerts a real, 
but probably less important, influence on structure. 

It will be well, first, to review and summarize briefly certain 
important facts concerning ions. 

1. In comparison with the number of positive ions known, the 
number of negative ions is very limited; probably only the follow¬ 
ing simple ones ever exist: H~, F~, Cl~, Br - , I”, O", S", Se“, Te~. 

2 . These negative ions all have the rare gas configuration— 
2 or 8 electrons in the outer shell. 

3. With anions of similar structure ( e.g ., Cl" and S"), the 
radius increases with the nuclear charge; with cations of similar 
structure (e.g., K + and Ca++), the reverse is the case. 

4. The number of anions is limited further by the nature of the 
cation with which they are associated; a cation with a high 
ionization potential may lead to a predominantly covalent bond, 
thus eliminating the ion as such. 

5. Reference will be made in the following discussion to five 
types of ions, classified according to structure: 

a. Those with 2 electrons in the outer shell: H“ and the cations of the 
first period. 
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b. Those with 8 electrons in the outer shell: the negative ions and those of 
the A subgroups, not including the transition elements. The 8-elec- 
tron ions will be referred to as A cations. 

c. Ions of the transition elements, containing 8 to 18 electrons in the 
outer shell. 

d . The ions of the B subgroups, containing 18 electrons in the outer shell 
and referred to hereafter as the B cations. 

e . A few ions of the B subgroups, which are stable with 18 + 2 electrons 
in the outer shell, will be referred to as the 18 + 2 cations. 

The Ionic Bond . 1 —The formation of an ionic compound is» 
influenced principally by two factors: (1) the ability of the metal 
atom to deliver one or more electrons and (2) the affinity of the 
nonmetallic atom toward electrons. The ions in a solid crystal 
are held in equilibrium by the attractive force of the oppositely 
charged ions—the coulomb force, and a small attractive force of 
the van der Waals’ type—and by the repulsive force of the inter¬ 
penetrating electron clouds of adjacent ions. A measure of the 
first factor is the so-called “ionization potential” of the atom, 
the energy required to remove one or more electrons from the 
atom. These ionization potentials may be determined very 
accurately from spectroscopic data and have been so determined 
by a number of investigators. A partial list from a recent 
collection 2 is given in Table 46. The values in column one, 
expressed in volt electrons, are the energies required to remove 
the first electron; as would be expected, more energy is required 
to remove two or more electrons, and these energies are given 
in the other columns. For the complete table the original paper 
should be consulted. 

The data lend support to many ideas which the elementary 
student gains from the periodic table. Cesium gives up one 
electron more easily than any other element; it is the most posi¬ 
tive of the elements and has the greatest tendency to form an 
ionic bond. The elements of the B subgroup (copper, silver, and 
gold) do not lose an electron so easily as do the alkali metals; they 

1 Sherman, Jack, Chem. Rev., 11, 93 (1932). An excellent summary of 
the nature of the ionic bond. See also Born, M., and M. G. Mayer: 
“Handbuch der Physik,” vol. XXIV, No. 2, p. 623, Julius Springer, Berlin, 
1933. 

* Sherman, ibid. 
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are less positive. But they can lose a second electron more 
easily than can the alkali atoms—hence the prevalence of divalent 
copper ion, but never divalent sodium or potassium ions. The 
percentage difference in ionization potentials between the A and 
B subgroups is less in Group II than in Group I and, as is to be 
expected, has almost vanished in Group IV. It is quite evident 


Table 46.— Ionization Potentials of Some Common Atoms 


Atom 

At. No. 

No. of electrons removed 

1 

2 

3 

4 

5 

6 

Li 

3 

5.368 

75.282 

121.86 




Be 

4 

9.281 

18.14 

153.10 

216.8 



B 

5 

8.33 

23.98 

37.75 

258.1 



C 

6 

11.217 

24.28 

47.7 

64.2 

389.9 

487. 

N 

7 

14.48 

29.47 

47.17 

(73.5) 

97.42 

(546) 

0 

1 8 

13.55 

34.93 

54.88 

77.0 

109.2 

137.48 

F 

9 

18.6 

i 34.6 






Atom 

1 Electrons removed 

Atom 

Electrons 

removed 

2 

Atom 

Electrons 

removed 

1 

2 

1 

3 

4 * 

Li 

5.368 


Be 

18.14 

C 


64.19 

Na 

5.116 1 

47.0 

Mg 

14.97 

Si 

33.30 

44.95 

K 

4.321 

31.7 

Ca 

11.82 

Ge 

31.97 

45.50 

Rh 

! 4.159 

(16) 

Sr 

10.98 

Zn 

30.49 

40.57 

Cs 

3.877 


Ba 

9.95 

Pb 

31.91 

43.95 

Cu 

1 

7.69 

20.2 

Zn 

17.89 

Ti 

27.6 | 

44.66 

Ag 

7.53 

17.0 

Cd 

16.84 

Zr 

24.0 

33.83 

Au 

9.19 


Hg 

18.67 





that the quadrivalent ions of Group IV are difficult to form, but 
that the trivalent ions of the A subgroup, titanium and zirconium, 
are apparently formed much more readily. This is consistent 
with the chemical behavior of these elements. Evidently the 
third and fourth group elements do not have a strong tendency to 
form the ionic bond. 
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Ionization potentials have been calculated theoretically upon 
the basis of the quantum mechanics 1 and are found to agree 
with these experimental values. 

Sherman has also calculated the electron affinities of the com¬ 
mon negative ion forming elements, and his average values are 
given in Table 47. 


Table 47. —Electron Affinities of the Atoms Which Form Negative 

Ions 


Energy to attach 1 electron 

Energy to attach 2 electrons 

F 

98.5 

92.2* 

0 

-168 


Cl 

92.5 

83.0* 

S 

- 79.4 


Br 

87.1 

77.2* 

Se 

- 97 


I 

79.2 

69.9* 





* More recent values, calculated by Mayer’s method by E. J. Verwey and J. H. de Boer, 
Rec . trav . chim ., 59 , 443 (1936). 


The negative values for 0, S, Se signify that the process is 
endothermic. The first electron attaches itself to the neutral 
atom with comparative ease, but to attach the second one, con¬ 
siderable work must be done to overcome the repulsion of 
this electron by the negative ion. These values are calculated 
by the use of the Born-Haber cycle. 2 

The Covalent Bond .—The normal covalent or electron-pair bond 
is not common among the solid, inorganic binary compounds with 
which our discussion deals particularly, and it is therefore easy to 
acquire an exaggerated idea of the importance of the ionic bond 
at the expense of the covalent bond. The stronghold of the 
covalent bond is among the compounds of electronegative ele¬ 
ments, and it is the intramolecular force in most organic mole¬ 
cules. But in many of the inorganic binary compounds, the 
covalent bond contributes part of the bonding energy. 

The existence of the electron-pair bond proposed earlier by 
Lewis 3 was rationalized when it was treated formally from a 
quantum mechanical viewpoint, first by Heitler and London, 4 who 

1 Hylleraas, E. A., Naturmssenschaften, 17, 982 (1929). 

* See Chap. VI. 

* Lewis, G. N., J . Am. Chem. Soc. } 88, 7 (1916). 

4 Heitler, W., and F. London, Z. Physik , 44, 455 (1927). 
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showed that the bond is stable because of the resonance energy 
of the two electrons jumping between the two nuclei. 

Their analysis of the binding energy for the H 2 molecule 
revealed that, if there were no interchange of electrons between 
the two atoms, the total binding energy, equal to the interaction 
energy of each electron about its nucleus, would be only about 
8 per cent of the total experimental binding energy. Thus the 
resonance energy does indeed account for the major part of the 
bond strength. But, as pointed out recently by Dushman and 
Seitz, in a very clear and interesting discussion of the quantum 
theory of valence, even the inclusion of this resonance energy in 
Heitler and London's treatment leads to a total binding energy 
of only 3.2 volt electrons as compared with an experimental 
value of 4.72 volt electrons. 1 The nature of the covalent bond, 
as revealed by wave mechanics has been developed by Pauling, 2 
Slater, 3 Huggins, 4 and others from which the following properties 
of the bond may be inferred. 5 

1. The electron-pair bond is formed through the interaction of 
an unpaired electron on each of two atoms. 

2. The spins of the electrons are opposed when the bond is 
formed, so that they cannot contribute to the paramagnetic 
susceptibility of the substance. 

3. Two electrons which form a shared pair cannot take part in 
forming additional pairs. 

In addition, three rules, justified by a qualitative consideration 
of the factors influencing bond energies, have been proposed: 

4. The main resonance terms for a single electron-pair bond are 
those involving the two orbitals, one from each atom, associated 
with the bond. 

5. Of two orbitals with the same dependence upon r, 6 the one 
with the larger value in the bond direction will give rise to the 

1 Dushman, S., and F. Seitz, J. Phya. Chem ., 41, 239 (1937). 

* Paulino, Linus, J. Am. Chem. Soc., 53, 1367, 3225 (1931); 64, 988, 3570 
(1932): 

3 Slater, J. C., Phya. Rev., 37, 481 (1931); 38, 325 (1931); and others. 

4 Pauling, Linus, and M. L. Huggins, Z. Kriat., 87, 205 (1934). 

8 Pauling, Linus, J. Am. Chem. Soc., 64, 1367 (1931); Proc . Natl. Acad. 
Set., 14, 359 (1928). 

• r, B, and <p are polar coordinates of the electron, the nucleus being at the 
center. 
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stronger bond, and for a given orbital, the bond will tend to be 
formed in the direction with the largest value of the orbital. 

6. Of two Orbitals with the same dependence upon 0 and <p f the 
one with the smaller mean value of r, i.e. y the one corresponding 
to the lower energy level for the atom, will give rise to the stronger 
bond. 

The strengths and directional properties of the covalent bond 
are of particular significance and these have recently been sum¬ 
marized by Pauling and Huggins. 1 

s Orbitals have spherical symmetry and thus form weak bonds 
(except in the K shell) without directional properties. 

p Orbitals are somewhat stronger and tend to form angles of 
90 deg. with each other. 

A hybrid orbital formed by a merging of the s and p orbitals 
is most likely to form a strong covalent bond. In any of the 
elements of the first horizontal row of the periodic table, there 
are four possible combinations of the 2s and 2p orbitals of the 
L shell, and these give rise to four directed orbitals, and the four 
tetrahedral bonds of carbon, and many of the other elements. 
Electron-pair bonds in crystals of the diamond and ZnS structure 
were postulated as early as 1922. 2 

The s and p orbitals usually are responsible for bond formation 
even when d electrons are available in the M shell and outer 
shells, for the d electrons generally have higher energy values. 
In special cases where the d level of a shell lies close to the s and p 
levels of the next outer shell, particularly in heavy atoms, the d 
level takes part in bond formation. When one d orbital is 
available for bond formation, as in bivalent nickel, palladium, or 
platinum, four strong bonds are formed directed toward the 
corners of a square. 

Where 2d orbitals can participate with s and p orbitals in bond 
formation, six equivalent bonds are formed directed toward the 
corners of a regular octahedron. 

More d bonds give rise to six equivalent bonds directed to 
the corners of a trigonal prism. 8 

1 Pauling, Linus, and M. L. Huggins, Z. Kri*t. y 87, 208 (1934). 

* Huggins, M. L. t J. Am. Chem. Soc. y 44, 1841 (1922); Pkys. Rev., 88,1086 
(1926). 

3 Hultgrbn, Ralph, Phys. Rev. } 40, 891 (1932). 
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The comparative strengths of these various bonds, given 
qualitatively in terms of the magnitude of the orbital in the 
direction of greatest magnitude, are shown in Table 48. 


Table 48. —Strength and Direction of Covalent Bonds 


Orbital 

: 

Strength 

Direction 

S 

1.0 

Undirected 

P 

1.732 

90 deg. to each other 

d 

2.237 


sp* 

2.000 

Tetrahedral angles to each other 

dsp 2 

2.694 

Planar toward corners of square 

d 2 sp 3 

2.923 

Toward corners of octahedron 

d n sp 3 

2.985 

Toward corners of trigonal prism 


These are the characteristics of the normal covalent bond, the 
actual existence of which is rare. It is most nearly approached 
in the bonding of two electronegative atoms as close together as 
possible and farthest to the right in the periodic table. 

Polarization .—Until quite recently, most of the abnormal 
characteristics of ionic crystals were “explained” by assuming 
distortion or polarization of the ions. 

The importance of this concept is now questioned because 
of the following: (1) the wave mechanical development of the 
covalent bond, and (2) the demonstration that even in ionic 
crystals, abnormal properties may be related entirely to a 
radius ratio effect and do not necessarily result from a polariza¬ 
tion of the ions. 1 This does not imply that polarization does not 
occur, but it does relegate it to what is thought to be a position of 
minor importance as a factor in crystal structure. 

There are a number of means for measuring the polarization 
of ions or atoms, free in the gaseous form or grouped in crystals. 
It was shown some time ago 2 that according to the electro¬ 
magnetic theory of light atoms and ions will be polarized by the 
electric field of light waves passing by them and will refract this 
light. The Lorentz-Lorenz equation shows the relation between 
the polarizability of ions or atoms and their molecular refractivity. 
Polarizabilities of ions have been measured by this method by 

1 Pauling, Linus, J. Am. Chem. Soc ., 60, 1036 (1928). 

8 Lorentz, H. A., Ann. Physik, 9, 641 (1880). 
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many investigators. 1 It should be pointed out that the molecular 
refractivities do not define the nature of the bond between atoms 
or ions; they do not, for example, indicate the existence of 
polarized ions. They merely reveal how tightly the outer 
electrons are held to the nucleus. 

Polarizabilities of noble gas ions have been calculated from 
series spectra; 2 and the polarizing powers of cations with the rare 
gas configuration have been estimated. 3 Numerical results 
obtained by these several methods confirm the statements made 
in the Introduction. That is: 

1. The polarizing power of cations increases with valence and 
decreases as the size increases, the charge remaining constant. 

2. The polarizability of anions increases with size and decreases 
as the valence increases. 

There is also some indication that polarization may be esti¬ 
mated from a measurement of the position and breadth of the 
ultraviolet absorption band 4 and from the wave length of the 
/^-absorption edge of the atom. 5 On the other hand, it is main¬ 
tained that the shift in the /^-absorption edge may be due to the 
electrostatic action of neighboring ions in a crystal and not 
necessarily to polarization. 6 * 8 

The Transition from the Ionic Bond to the Covalent Bond.— 

It is probable that the normal ionic bond and the normal covalent 
bond rarely, if ever, occur. However, a great deal of discussion 
has centered around the possibility of a continuous transition 

1 Wasastjerna, J. A., Z. physik. Chem., 101,193 (1922); Fajans, Kasimir, 
and G. Joos, Z. Physik, 23, 1 (1924); Fajans, Kasimir, “Radioelements and 
Isotopes. Chemical Forces,” p. 72, Cornell University Press, Ithaca, N. V., 
1931. Z. physik. Chem., 130, 729 (1927); Van Arkel, A. E., and V. H. de 
Boer, “Chemische Bindung,” p. 87, S. Hirzel, Leipzig, 1931. 

2 Born, M., and W. Heisenberg, Z. Physik, 25, 388 (1924); Pauling, 
Linus, Proc. Roy. Soc. (London), A 114, 181 (1927); Mayer J. E., and M. G. 
Mayer, Phys. Rev., 43, G10 (1933). 

3 Goldschmidt, V. M., Skrifter Norske Videnskaps-Akad. Oslo, No. 2, 
p 60, 1926. 

4 Pohl, R. W., and R. Hilsch, Z. Physik, 64, 606 (1930). 

6 Richtmyer, F. K., J. Franklin Inst., 208, 325 (1929); a good description 

of the phenomenon; Stelling, Otto, Z. Physik, 50, 506 (1928): Z. Elektro- 

chem., 34, 520 (1928). 

8 Aoyama, S., K. Kimura, and V. Nishina, Z. Physik , 44, 810 (1927); 
Pauling, Linus, Phys. Rev., 34, 954 (1929). 
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from one bond type to the other, involving the existence of a 
continuous series of bonds of intermediate type. While recent 
wave mechanical studies offer the latest interpretation of this 
question, certain of the earlier discussions may be followed with 
considerable interest. 

Arguments in support of a continuous transition have been 
set forth by Fajans; 1 while Sidgwick's 2 approach is typical 
of those who believe that the change is discontinuous. It is 
interesting to read the detailed discussion, part of which is 
summarized briefly here. Both men choose much of the same 
data to support the opposite sides of the question: 

1. The change in properties of a series of uni- to tetravalent 
halides. 

2. The properties of the hydrogen halides. 

3. The properties of the silver halides. 

In Table 49, are listed properties which give a measure 
of the stability of a series of halides. It may be observed that 
the halides of a given element are either relatively high boiling, 
the boiling points falling slowly as the atomic weight of the 


Table 49.— Boiling Points of Halides of Sodium, Silicon, Aluminum, 
and Tin at 700 mm.* in °C. 


NaF 

NaCl 

NaBr 

Nal 

1695 

1441 

1393 

1300 

SiF 4 

SiCl 4 

SiBr 4 

Sil 4 

-90 

57 

153 

290 approx. 

A1F, 

AlCla 

AlBr 3 

A1I 3 

800 

183 

260 

350 


♦ From Sidgwick, N. V., “The Covalent Link in Chemistry,” p. 52, Cornell University 
Press, Ithaca, N. Y., 1932. 


halogen increases, or they are low boiling, the boiling points 
rising more rapidly as the atomic weight of the halogen increases. 

Fajans, Kasimir, “Radioactive Elements and Isotopes,” Cornell 
University Press, Ithaca, N. Y., 1931; Naturmssenschafien , 11, 165 (1923): 
Z . Elektrochem ., 84, 541 (1928); “Handbuch der Physik,” vol. XXIV, 
no. 2, p. 541, Julius Springer, Berlin, 1933. 

*Sidgwick, N. V., “The Covalent Link in Chemistry,” Cornell Univer¬ 
sity Press, Ithaca, N. Y., 1932. 
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The decreases in boiling point with increasing atomic weight (and 
atomic size) is to be expected in ionic compounds, since the 
distance between the ions increases. In a series of organic 
compounds, on the other hand, the boiling point increases with 
the molecular weight. This type of variation has become 
associated with the existence of the covalent bond. The sodium 
halides are typical ionic salts; while the silicon halides are taken 
as characteristic covalent compounds. Regarding the alumi¬ 
num halides there arises a difference of opinion. They are said by 
one to demonstrate a discontinuous change from ionic to covalent 
binding; and are cited by the other as indicative of a continuous 
transition. It has been shown, however, that those properties 
related to the stability of a crystal are determined primarily 
by the environment of the building stones in the crystal, not by 
the existence of ionic or covalent forces between them. 1 Insofar 
as this is true, the data of Table 49 have no direct bearing upon 
the problem. 

Pauling has calculated that the bonds in SiF 4 are neither ionic 
nor covalent but lie somewhere between the two extremes. 2 

The properties of the hydrogen halides have also been called to 
witness for both the continuous and discontinuous transitions. 
HC1 is difficult to solidify and forms a molecular lattice. These 
properties may probably be attributed to the covalent bond 
indirectly, although the low freezing point follows directly from 
the weak molecular lattice. In water, HC1 is a strong electro¬ 
lyte. If HC1 were ionic, the distance 1.26 A between its nuclei 
would be identical with the dipole distance, determined from the 
dipole moment; but if HC1 is covalent, the dipole distance should 
be zero. So reasons Fajans, and concludes that, because the 
actual dipole distance is 0.216 A, the bond must be of an inter¬ 
mediate type—a polarized ionic bond. 3 Sidgwdck, however, 
calls HC1 covalent and then concludes that the covalent link has 
a dipole moment and that the electron pair is rarely shared 
equally by the two atoms. 

1 Van Arkbl, A. E., and V. H. de Boer, “Chemische Bindung,” S. 
Hirzel, Leipzig, 1931; Pauling, Linus, J. Am. Chem. Soc. f 64, 988 (1932). 

* Pauling, Linus, J. Am. Chem. Soc ., 64, 988 (1932). 

* Fajans, Kasimir, “ Radioelements and Isotopes,” p. 86, Cornell 
University Press, Ithaca, N. Y., 1931. 
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Potential-energy curves of the hydrogen halides suggest 1 that 
HF is of an intermediate bond type, predominantly ionic, as 
evidenced also by the tendency of fluorine to form hydrogen 
bonds; while in HC1, HBr, and HI the bonds are essentially but 
not entirely covalent. 

Certain properties of the series AgF, AgCl, AgBr, and Agl 
have been taken to suggest the continuity of the bond transition, 
or its discontinuity, as one chooses. The first three crystallize 
in the NaCl structure, the last in the ZnS and ZnO structures. 
This series is cited as evidence of the discontinuity of the transi¬ 
tion from ionic to covalent bond when it is assumed that a change 
in structure from the NaCl to the ZnS (ZnO) lattice is proof of a 
change in bond type. This assumption is not justified, as is 
demonstrated later. On the contrary, this scries of salts proves 
to be one of the most convincing exhibits for the continuous 
transition in bond type. Agl cannot be called a covalent 
compound, although it may be considered to be intermediate 
in regard to bond type and more nearly covalent than ionic. 

Recent wave mechanical calculations suggest that 2 the transi¬ 
tion from the ionic to the covalent bond may in certain cases be 
continuous while in other cases it must be discontinuous. At 
present it seems most satisfactory to adopt this viewpoint. In 
the AX compounds, for example, in the sphalerite and wurzite 
structures, it is possible to have any intermediate stage between 
the ionic or the covalent extremes. 

Theoretical treatments of this question make it increasingly 
evident that it is usually misleading to visualize a normal ionic 
or a normal covalent bond. It has recently been proposed that 
even in the typical ionic crystal of the sodium chloride type an 
appreciable part of the binding energy results from electronic 
distributions like those which give rise to covalent bonds. On 
the other hand, the discrepancy between the experimental bond 
energy (4.72 volt electrons) for H 2 and the theoretical energy 
(3.2 volt electrons) calculated by the method of Heitler and 
London has been attributed to the neglect of an electron-repulsion 
term which is, in a sense, an ionic term. 3 In short, it may be 

1 Pauling, Linus, J. Am. Chem. Soc 54, 988 (1932). 

2 Pauling, Linus, J. Am. Chem. Soc., 64, 988 (1932); Pauling, Linus, 
and M. L. Huggins, Z. Krist., 87, 205 (1934). 

•Dushman. 8.. and F. Seitz, J. Phys. Chem., 41, 241 (1937). 
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that the bond in ionic NaCl has a small covalent component and • 
that the binding energy in even the H 2 molecule is slightly ionic. 

Inasmuch as we shall have more to say about valence bonds 
as they are interpreted by the quantum mechanics, it is perhaps 
well to quote at some length a recent opinion of Van Vleck and 
Sherman concerning the present status of this method of 
treatment. 1 

The subject of valence is really concerned with energy relations. If 
we knew the energies of all the possible different kinds of electron orbits 
in molecules, and also in the atoms out of which the molecule is formed, 
the rules of valence would automatically follow. 

Now the principles of quantum mechanics enable one to write down 
an equation for any system of nuclei and electrons, the solution of 
which would provide us with complete information concerning the 
stability of the system, spatial arrangements of the nuclei, etc. ... 

The complexities of the re-body problem are, alas, so great that only, 
for the very simplest molecule, namely 1I 2 , has it proved possible to 
integrate the Schrodinger wave equation with any real quantitative 
accuracy. Hence to date, anyone is doomed to disappointment who is 
looking in Diogenes-like fashion for honest, straightforward calculations 
of heats of dissociation from the basic postulates of quantum mechanics. 
How, then, can it be said that we have a quantum theory of valence? 
The answer is that to be satisfied one must adopt the mental attitude 
and procedure of an optimist rather than a pessimist. The latter 
demands a rigorous postulational theory, and calculations devoid of any 
questionable approximations or of empirical appeals to known facts. 
The optimist, on the other hand, is satisfied with approximate solutions 
of the wave equation. If they favor, say, tetrahedral and plane hexago¬ 
nal models of methane and benzene, respectively, or a certain order of 
sequence among activation energies, or a paramagnetic oxygen molecule, 
he is content that those same properties will be possessed by more accu¬ 
rate solutions. lie appears freely to experiment to determine constants, 
the direct calculation of which would be too difficult. The pessimist, 
on the other hand, is eternally worried because the omitted terms in the 
approximations are usually rather large, so that any pretense of rigor 
should be lacking. The optimist replies that the approximate calcu¬ 
lations do nevertheless give one an excellent “steer” and a very good 
idea of “how things go,” permitting the systematization and under¬ 
standing of what would otherwise be a maze of experimental data 
codified by purely empirical valence rules. In particular, he finds that a 
mechanism is really provided by quantum mechanics for the Lewis 

1 Van Vleck, J. H., and A. Sherman, Rev. Modern Phys. t 7, 167 (1935). ' 
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electron pair bond, and for the stereochemistry of complicated organic 
compounds. It is, of course, futile to argue whether the optimist or 
pessimist is right. . . . One thing is clear. Ip the absence of rigorous 
computations, it is obviously advantageous to use as many methods of 
approximation as possible. If they agree in predicting some property 
(for instance, the tetrahedral structure of methane) we can feel some 
confidence that the same property would be exhibited by a more rigorous 
solution—otherwise none . . . 

For practical purposes, most compounds may be classed as 
essentially ionic or covalent after a consideration of certain char¬ 
acteristic properties. This leads to the problem of the determina¬ 
tion of the predominant bond type in any given crystal. 

The Identification of the Ionic Bond and the Covalent Bond.— 
A number of methods commonly used as criteria of bond type have 
already been mentioned. These, and others, may be summar¬ 
ized as follows: 

Direct Methods: 

1. Prediction from quantum mechanics. 

a. Directional bonds. 

b. Paramagnetic susceptibilities. 

2. Photodissociation of molecules. 

Indirect Methods: 

3. Estimation from position in periodic table; ionization poten¬ 

tials; electron affinities. 

4. Agreement or nonagreement with the rules governing the 

structure of ionic compounds. 

5. Comparison of lattice energies. 

6. Additivity of covalent bond energies. 

7. Comparison of interatomic (ionic) distances. 

8. Crystal structure. 

9. Comparison of properties with properties of crystals of 

known bond type. 

1. Because covalent bonds may possess unique directional 
properties, it is evident that crystal-structure determinations 
which establish the direction of chemical bonds will throw con¬ 
siderable light on the nature of these bonds. While it is true 
that the tetrahedral and octahedral bonds may be either ionic or 
covalent, 1 the square dsp 2 and trigonal prism bonds are not stable 

1 Note that the tetrahedral or diamond structure is not conclusive evi¬ 
dence of covalent bonds, although it is frequently assumed to be so. 
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configurations for ions and their existence is therefore pretty 
good evidence of the covalent bond. The Pd-Cl and Pt-Cl 
bonds in K 2 PdCl 4 and K 2 PtCl 4 , respectively, may be considered 
covalent because structure analysis shows the four chlorine atoms 
to be at the corners of a square in each case. 

Pauling has shown that when the ionic and covalent structures 
of a compound have different multiplicities, 1 the type of bond 
may be determined from the paramagnetic susceptibilities. 
The expected magnetic moments for the ionic and covalent bonds 
are 5.91 and 1.73 Bohr magnetons, respectively. When the 
experimental values calculated from the measured paramagnetic 
susceptibilities are: (NH^FeFe = 5.88, FeCl 3 = 5.84, FeS0 4 .- 
7H 2 0 = 4.99, Fel 3 = 5.4, K 3 Fe(CN) 6 = 2.0, it is suggested 
that the bonds are essentially ionic in the first four compounds 
and covalent in the last. Note that, from general knowledge 
of the influence of polarization upon bond type, one would 
predict an ionic bond in (NH 4 ) 3 FeF 6 and a covalent bond in 
K 3 Fe(CN) 6 , since the fluoride ion is not easily polarized and 
the cyanide ion is subject to strong polarization. 

2. The molecules for which photodissociation has been studied 
may be divided into two distinct groups: When a molecule 
dissociates into two neutral atoms, one excited, the covalent bond 
is indicated. Among these may be listed Cl 2 , Br 2 , I 2 , H 2 , S 2 . 
When two neutral atoms, both excited, are formed, the ionic bond 
is indicated, as in NaCl, Nal, KBr, RbBr, and others. 2 

When the multiplicity of a complex is the same for both ionic 
bonds and covalent bonds, then indirect evidence must be relied 
upon to suggest which of the two types is more nearly approached. 
The remaining criteria listed are of this indirect type. 

3. When two elements are combined to form a compound, one 
may sense from their relative positions in the periodic table 
whether the bond holding them together is apt to be ionic, 
covalent, or an average of the two. Elements lying near together 
in the table, in or to the right of the fourth group, usually form a 
bond predominantly covalent, and the nearer the right of the 
table, the more will the covalent bond predominate. The 
resonance energy of the covalent bond is also suggestive. It is 
highest for the elements in the right of the first short period and 

1 Different numbers of unpaired electrons. 

* Sponer, H., Z. Elektrochenu, 34, 483 (1928). 
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decreases from the top middle to the lower middle. When 
it is recalled that the metallic bond is, in a special sense, a 
covalent bond, it is interesting to observe that between two or 
more atoms of elements lying near together in the groups to the 
left of the fourth group the metallic bond generally predominates. 

The ionic bond is apt to occur when one of the combining ele¬ 
ments is decidedly electropositive with respect to the other, i.e., 
when the ionization potential of the electropositive element is 
low and the electron affinity of the electronegative element is 
high. The ionic bond is probably most normal in the alkali 
halides. The alkaline earths, aluminum and other third group 
eight-shell ions, also copper, silver, gold, zinc, cadmium, tin, and 
lead form bonds with a large ionic component; the first-named are 
predominantly ionic; the last may be largely covalent, although 
here the nature of the electronegative element involved exerts a 
strong influence. 

4. When the arrangement in a crystal is tetrahedral, if the 
bonds are covalent, angles of 90 or 109.5 deg. are to be expected; 
while ionic bonds would permit larger angles. Hence the angle 
of 180 deg. in 0 tridymite indicates bonds largely ionic. 1 When 
the shared octahedral edges are shortened as in hematite and 
corundum, an ionic bond is suggested; while the longer, shared 
octahedral edges in marcasite indicate a covalent bond. In 
MoS 2 , the sulfur atoms are at the corners of a trigonal prism 
around the molybdenum, not at the corners of an octahedron, and 
covalent bonds are therefore indicated. 

5. A comparison of experimental lattice energies with those 
calculated, assuming ionic bonds, often suggests the prevalence 
of an intermediate or a covalent bond. Fair agreement between 
Jj \ xp and I/theor suggests bonds essentially ionic. Increasing 
positive values for C/ eip — f/ tbe0 r, however, indicate the influence 
of electron-pair bonds. 2 Of more than passing interest is the 
observation that when the Born-Mayer 3 equation for lattice 
energies is used, in which a term for van der Waals’ attraction is 
included, the values for (/«,«* for the silver halides are higher 
and AU is very much less. There is the implication that the 

1 Paulino, Linus, and M. L. Huouins, Z. Krist ., 87, 216 (1934). 

* See Table 68, Chap. VI. and J. Sherman, Chem. Rev., 11, 93 (1932). 

* Maybe, J. E., J. Chem. Physics, 1, 327 (1933). 
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influence of the electron-pair bond in these crystals is not so great 
as is implied by Sherman’s data. 

6. Certain empirical data indicate that covalent bond energies 
are additive. For compounds, then, in which the actual bond 
energy is greater than that predicted by the addition of the 
covalent bond energies of the atoms involved, the difference may 
be taken as a fair measure of the ionic component of the bond. 
Series of familiar compounds are given in Table 50. 1 

Thus, the H-F bond has a large ionic component, and HI 
approaches the normal covalent bond. The unique nature of 
fluorine, as compared with the other halogens and as evidenced by 
many of its properties, is revealed by these data. It is doubtless 
much more electronegative than the other three halogens and 
stands quite apart from them in this respect. 


Table 50.—Covalent Bond Energies in Volt Electrons 


H: H 

F: F 

Cl:Cl j 

Br:Br 

1:1 

K:K 

Bond energy.1 4.44 

i 

2.80 

2.468 i 

1.962 

1.535 

0.51 ± 0.02 



HF 

HC1 

HBr 

HI | 

C1F 

BrCl 

Actual. 

Pedicted from atidi- 

6.39 

4.38 

3.74 

3.07 

3.82 

2.231 

tivity. 

3.62 

3.45 

3.20 

2.99 

2.63 

2.215 


2.77 

0.93 

0.54 

0.08 

i 119 

0.016 


Actual. 

Predicted from additivity. 

! IBr 

_ 1.801 

.... I 1.748 

ICi 

2.143 | 
2.001 

KC1 

4.5 

1.53 

KBr 

3.9 

1.24 

KI 

3.25 

1.03 


j 0.053 

0.142 

! 

3.0 

2.7 

2.22 


7. When the experimental interionic distances are less than 
those calculated from the ionic radii, it may be attributed to 
the influence of the covalent bond; but frequently a sudden 
decrease in interionic distance has been attributed, erroneously, 
to the sudden complete displacement of the ionic bond by a 

1 Pauling, Linus, and D. M. Yost, Proc. Natl. Acad. Sci., 18, 414 (1932): 
Pauling, Linus, J. Am. Chem , Soc. t 54, 3573 (1932). 
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covalent bond. An examination of the data for the silver halides 
shown in Table 51, will reveal the fallacy of this interpretation. 
Table 51.— Interatomic Distances in the Silver Halides 



AgF 

AgCl 

AgBr 

Agl 

Sum of ionic radii (C.N. = 6), A. 

2.46 

2.94 

3.09 

3.33* 

Experimental distances. 

2.46 

2.77 

2.87 

3.05 

Difference. 

0.17 

0.22 

0.28* 

Percentage decrease. 


5.8 

7.1 

8.4 

Sum of ionic radii (corrected to C.N. = 4). 
Experimental distance. 


3.14 

2.811 

Difference. 



.... 

0.33 

Percentage decrease. 




10.5 






♦For Ag-I in Agl of NaCl structure, calculated from mixed crystals of Agl-AgBr. 


As evidence of a predominant covalent bond in silver iodide, 
it has been pointed out 1 that there is a contraction of 9 per cent 
in the interatomic distance in Agl (2.81 A) as compared with the 
interionic distance in an “ionic” (NaCl) Agl structure (3.05 A). 
But in citing this evidence the effect of a change in coordination 
number, entirely independent of the influence of the type of 
bond, has been overlooked. 

If we assume, then, that merely the decrease in C.N. from 
6 to 4 will cause a contraction of about 5.5 per cent in interatomic 
distance (see Chap. II), the theoretical Ag-I distance (C.N. = 4) 
will be 3.33 X 0.945 = 3.14 A, as compared with the experi¬ 
mental distance 2.81 A. The percentage contraction of the 
observed distance is therefore 10.5 per cent, which is not out of 
line with 8.4 per cent contraction for Agl and 7.0 per cent for 
AgBr in the “ionic” (NaCl) structure. 

Thus, there is no proof of discontinuity in interionic distances 
in the silver halides to suggest that a covalent bond comes into 
existence suddenly in Agl. But the interionic distances do 
suggest a trend from the ionic toward the covalent bond in the 
direction AgF —» Agl. 

There is another group of compounds in which interatomic 
distances seem to be an indication of the presence of the covalent 
bond. It hds been found that, in a series of compounds with the 

1 Sidgwick, N. V., “The Covalent Link in Chemistry,” p. 52, Cornell 
University Press, Ithaca, N. Y., 1932. 













THE STRUCTURES OF BINARY COMPOUNDS 


175 


wurtzite or zinc-blende structure in which the element A stands 
as many places before the fourth group as the element X stands 
after the fourth group, the interatomic distances are essentially 
constant. Several such series are shown in Table 52 A. Now, it 
is well known that in ionic crystals of the same sort (see Table 
52B) the interionic distance decreases as the valence of the ions 
increases. The fact that there is no such decrease in the wurtzite 
or zinc-blende structures with increasing valence suggests very 
strongly that these crystals are not built of ions but of neutral 
atoms. In short, the interatomic distance seems to depend upon 
the total number of electrons, not on their distribution between 
the atoms. 1 

8. It must now be apparent that the type of bond in a given 
compound cannot be predicted with certainty from its crystal 
structure. It is equally true, however, that the crystal structure 
may be very suggestive of the bond type. Thus, the NaCl 
structure does not permit the formation of a covalent bond, since 
there are too many neighbors around a sodium atom to permit 
each one to be held by a pair of electrons. It may be possible, 
however, for electron pairs to jump from one atom to another, 
forming more bonds than there are electron pairs. Probably 
ScN, ScC, and the like are covalent in spite of their NaCl struc¬ 
ture. This is suggested on three counts: 

a. Their interatomic distances are constant, in spite of the 
changes in valence (see criterion 7). 

b. Their valences and ionization potentials are high (see 
criterion 3). 

c. Their properties are similar to diamond, a typical covalent 
crystal. 

On the other hand, the zinc-blende or wurtzite structure does 
not guarantee the existence of a covalent bond. It has been 
shown that in Agl the bond is, at best, of an intermediate nature 
and retains some ionic characteristics. BeO is essentially ionic, 2 
as is NH 4 F; and the sulfide, telluride, and selenide of beryllium 
may also be largely ionic. 3 

1 On the contrary, Bee data on hardness and comment thereon (Chap. VI). 

* ZaChariasbn, W. H., Z. Phyaik , 40, 637 (1926); Fajans, Kasimir, 
Z. Elektrochem 34, 511 (1928). 

•Pauling, Linus, J. Am . Chem. Soc ., 49, 788 (1927). 
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Table 52.—A-X Distances in Covalent and Ionic Crystals* 


A 

B 

Zinc-blende-wurtzite structures 

NaCl structure (ionic lattice) 

Agl 

2.811 

NaF 

2.310 

CdTe 

2.799 

MgO 

2.104 

InSb 

2.793 



SnSn 

2.79 

KF 

2.669 



CaO 

2.401 

CuBr 

2.460 



ZnSe 

2.452 

RbF 

2.815 

GaAs 

2.435 

SrO 

2.573 

GeGe 

2.43 





NaCl 

2.614 

Cul 

2.618 

MgS 

2.595 

ZnTe 

2.637 



GaSb 

2.638 

KCl 

3.139 

Ge -f- Su 

2 

2.62 

CaS 

2.843 

SeCd 

2.62 

RbCl 

3.286 



SrS 

3.004 

CuCl 

2.341 



ZnS 

2.346 

NaBr 

2.981 

GaP 

2.354 

MgSe 

2.726 

Ge + Si 

2 

2.39 

KBr 

3.293 

AsAl 

2 437 

CaSe 

2.956 

MgTe 

2.76 

RbBr 

3.434 

AlSb 

2 638 

SrSe 

3.113 

Si 4- Sn 

2 

2.57 

KI 

3.525 

SCd 

2.521 

CaTe 

3.172 

A1P 

2.360 

Ilbl 

3.663 

SiSi 

2.347 

SrTe 

3.324 

AIN 

1.87 



SiC 

1.89 



BeO 

1.645 



CC 

1.541 




* Goldschmidt. V. M. t Tram. Faraday Soc., 26, 277 (1929). 
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9. It cannot be too often repeated that the stability of a 
crystal as indicated by melting point, solubility, and so on is no 
indication of the type of bond present. Ionic and covalent bonds 
may be of the same relative strengths. A similarity of physical 
properties, however, often suggests a similarity of bond. Thus, 
PbS, PbSe, and PbTe, although they are said to have the NaCl 
structure, are obviously more like FeS and FeS 2 than like CaS, 
and they are not ionic compounds. 

The AX Compounds.—The common structures of the AX 
compounds are shown in Fig. 3, Chap. I. Of these, the NaCl 
structure occurs most frequently; perhaps because it tolerates a 
wider variation in the nature of its building stones than do the 
other types. To establish the conditions which favor this 
structure, we shall study the transition from this type to other 
typical AX lattices. 

In the introductory chapter, it was decided that the NaCl 
structure is a typical ionic structure associated with the ionic 
bond, that its ions are relatively free from polarization effects and 
that it is favored when the Ra'-Rx ratio is above 0.41. It will 
become evident, presently, that this structure is not unequivocally 
dependent upon either a definite Ra'.Rx ratio nor upon the 
existence of an ionic bond. To be sure, the NaCl structure 
prevails among compounds of positive and negative ions having 
the rare gas configuration, those which one should expect to form 
the least distorted, typical ionic bonds; but it does not follow that 
all NaCl structures are ionic. We need only examine the data in 
Table 53 to see that the occurrence of the NaCl structure does 
not depend entirely upon the Ra'.Rx ratio. Obviously, if one 
proceeds on the assumptions (1) that the NaCl structure is 
favored when the R A : Rx ratio lies between 0.41 and 0.73, (2) 
that above 0.73 the CsCl structure is favored, and, (3) that below 
0.41 the ZnS (ZnO) structure usually occurs, there are many 
exceptions to be found in this table. Evidently this rule does not 
hold for the most common of the ionic compounds. Our discus¬ 
sion of the data of Table 53 leads, therefore, to a rather detailed 
study of the transitions: NaCl structure to CsCl structure; NaCl 
structure to ZnS (ZnO) structure. 

The Transition , NaCl Structure —> CsCl Structure .—The occur¬ 
rence of the CsCl structure seems, at first sight, to bear little 
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Table 53. —The Structures and Ra : Rx Ratios or Some AX Compounds 


Anion radius, 

A 

Cation radius, A 

Li 

0.68 

Na 

0.98 

K 

I 1.33 

Rb 

1.48 

nh 4 

1.50 

Cs 
! 1.67 

T1+ 

1.50 

F 1.33 

NaCl 

0.61 

NaCl 

0.73 

NaCl 

1.00 

NaCl 

1.11 

ZnO 

1.13 

NaCl* 

1.26 


Cl 1.81 

NaCl 

0.37 

NaCl 

0.54 

NaCl 

0.74 

NaClf 

0.82 

CsClf 

0.83 

CsCl 

0.92 

CsCl 

0.83 

Br 1.96 

NaCl 

0.35 

NaCl 

0.50 

NaCl 

0.68 

NaClf 

0.75 

CsClf 

0.76 

CsCl 

0.85 

CsCl 

0.76 

I 2.19 j 

NaCl 

0.31 

NaCl 

0.45 

NaCl 

0.61 

NaClf 

0.68 

CsClf 

0.69 

CsCl 

0.77 

CsCl 

0.69 




Cation radius, A 


Anion radius, 









A 

Mg 

Ca 

Sr 

Ba 


0.78 

0.98 

1.15 

1.31 

O 1.33 

NaCl 

NaCl 

NaCl 

NaCl 


0.58 

0.74 

0.86 

1.00 

S 1.74 

NaCl 

NaCl 

NaCl 

NaCl 


0.41 

0.56 

0.66 

0.75 

Se 1.96 

NaCl 

NaCl 

NaCl 

NaCl 


0.37 

0.50 

0.59 

0.67 

Te 2.18 

ZnO 

NaCl 

NaCl 

NaCl 


! 0 33 

0.45 

0 53 

0.60 


•The symbols (e.g., NaCl) indicate the crystal structure, and the figures are Ra:Rx 
ratios. 

t At high pressure these have the CsCl structure. 

1 At high temperature these have the NaCl structure. 

relation to the radius ratio 0.73. Of the compounds listed in 
Table 53, there are 16 for which the radius ratio is above 0.73, 
and only 7 crystallize with the CsCl structure. This structure is 
favored for two compounds in which the ratio is too low. It 
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appears that the CsCl structure is not a particularly stable 
arrangement of ions. The coulomb energy of the CsCl arrange¬ 
ment is greater than the energy for either the NaCl or ZnS 
structure: i.e ., the first is a less stable structure. 1 

The conditions necessary to establish the CsCl structure have 
been discussed by Pauling in connection with the polymorphism 
of the rubidium halides. 2 He concluded that this structure is 
stable for alkali halides with high anion deformability and 
large radius ratio. The rubidium, ammonium, and thallous 
halides, all with cations of comparable size, offer an opportunity 
to study the effect of polarization, independent of variations in 
radius ratio. Pauling's conclusions account satisfactorily for 
the structure of the rubidium and cesium salts; the radius 
ratio is the predominant factor here. The rubidium salts are 
obviously on the border line in regard to radius ratio and polariza¬ 
tion properties, and their polymorphism is quite natural. It is 
also evident that, in spite of their high radius ratios, no fluorides 
could be expected with the CsCl structure because the fluoride 
ion cannot be polarized appreciably. Furthermore, of KBr and 
Rbl, both with the same radius ratio, only the latter has the CsCl 
structure because of the greater polarizability of the iodide ions. 

A slightly different emphasis was placed upon the question by 
Goldschmidt 3 who proposed that the CsCl structure is favored 
when the radius ratio is above 0.73 and the polarizabilities of 
anion and cation are not very different. 

More recently it has been indicated that a sharp change in the 
van der Waals' energy term in the transition NaCl to CsCl 
stabilizes the CsCl structure even though the coulomb energy of 
CsCl is higher. 4 * This treatment does not differ fundamentally 
from the older conception, for in London's equation for the 
calculation of the van der Waals’ energy in an ionic crystal, there 
is a term for polarization. 6 Born and Mayer calculated the 
crystal energies for the potassium, rubidium, and cesium halides 

1 Pauling, Linus, J. Am. Chem. Soc ., 49, 765 (1927). 

a Pauling, Linus, Z. Krist ., 69, 35 (1928). 

, s Goldschmidt, V. M., Skrifter Norske Videnskaps-Akad. Oslo, no. 8* 
p. 86 (1927). 

4 Born, M., and J. E. Mayer, Z. Physik , 76, 1 (1932). 

•London, F., Z . physik . Chem., B 11, 222 (1930). 
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as the sum of the coulomb attraction, the van der Waals’ attrac¬ 
tion, and a repulsion term. They showed that the transition, 
NaCl structure to CsCl structure, involves a sharp change in the 
van der Waals’ energy and that, when this value, calculated by 
London’s method, is arbitrarily doubled, 1 the transition NaCl to 
CsCl involves a negative energy change only for the cesium 
halides (except fluoride). 

In short, the CsCl structure is not particularly stable. It may 
be formed by univalent ions when the radius ratio is above 0.73 
and in such cases probably owes its stability to van der Waals’ 
forces. 

The Transition , NaCl Structure —> ZnS (Z 11 O) Structure .—The 
ZnS structure may occur as the result of: 

1. A decrease in R A :Rx ratio below 0.41. 

2. The introduction of a strongly polarizing cation and an easily polarized 
anion, and 

3. The influence of tetrahedral covalent bonds. 

Generally, the properties of compounds with the ZnS (ZnO) 
structure suggest that the bond is of an intermediate nature, 
partly covalent. The R A \R X ratio need not be within the limits 
prescribed for the ZnS structure, since it is a secondary influence. 
Occasionally the ZnS structure is found for compounds in which 
a fairly normal ionic bond is to be expected. In such cases, the 
stability of the structure conforms closely to the lt A : Rx limits 
(0.41 to 0.22), and this is the determining factor in its formation. 
As a general thing, however, the ionic bond does not predominate 
in the ZnS lattice. 

Consider, with the above generalizations in mind, Table 54 and 
Chart A (the Appendix). It may be said that the beryllium salts 
and MgTe, in Table 54, are largely ionic in spite of their struc¬ 
ture; and that NH 4 F crystallizes in the ZnO structure, in spite 
of the Ra'-Rx ratio because of the unsymmetrical ammonium ion. 
Indeed, it has been shown 2 that in crystalline NH 4 F one of the 
hydrogen atoms is drawn toward the fluoride ion. It is probable 
that a hydrogen bond ties the fluoride to the rest of the molecule. 3 

1 Mater, J. E., J. Chem. Physics , 1, 327 (1933), has since recalculated the 
van der Waals' energy and obtained a value a little more than twice that 
calculated by Bom and Mayer. 

* Zachariasen, W. H., Z. physik. Chem. f 127, 218 (1927). 

3 Sherman, Jack, Ch#m. Rev., 11, 93 (1932). 
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It is evident that the stronghold of the ZnS (ZnO) structure is 
among the AX compounds of the B cations, Cu + , Ag+, Zn++, 
Cd 4 * 4 ", Hg ++ , Ga 4 " 3 , In 4 " 3 . That the covalent bond prevails in 
most of these is indicated by the constancy of the interatomic 
distances in each series as shown in Table 52. This same 
criterion may be used to select from Table 52 those compounds 
which are not strictly covalent. These are Agl, MgTe, BeO, 
and probably AlAs and AlSb. 

The relation between ionic sizes and the NaCl and ZnS struc¬ 
tures may be viewed from another angle. The X atoms or ions 
of both of these AX structures are on a face-centered cubic 
lattice. When the metal is relatively large, it occupies the 
largest interstices in this lattice, those in the centers of octahedra, 
and has six neighbors; the simple cubic NaCl structure is 
formed. When the metal ions are much smaller, they occupy 
the alternate second largest interstices in the face-centered cubic 
lattice, those in the centers of tetrahedra; and the ZnS lattice is 
formed. 

Instead of correlating changes in structure with R A :Rx ratios, 
Niggli 1 uses limiting ratios for interionic distances from a central 
ion or atom to the first and second “coordination spheres.” 
Thus, an atom A in a NaCl lattice has 6 neighbors X in the first 
coordination sphere and 12 neighbors A in the second sphere. 
This lattice is stable when the ratio of the distance A-X to A-A is 
1:1.414 = 1:\/|. In the ZnS structure each atom A has 4 
neighbors in the first sphere and 12 in the second, and the struc¬ 
ture is stable when A-X/A-A = 1:1.636 = 1:\/|- For the 
CsCl structure the ratio is 1:1.153 = 1: 

The Transition, NaCl Structure —> ZnO Structure —> ZnS Struc¬ 
ture .—The ZnS and the ZnO structures are both characterized 
by the C.N.4; in both, the arrangement is tetrahedral. The X 
atoms or ions are on a face-centered cubic lattice in ZnS, and on a 
hexagonal, close-packed lattice in ZnO. All that has been said 
of polarization and bond type applies to the ZnO structure as 
well as to the ZnS structure. 

From crystal structure data, however, it is quite evident that 
the ZnO structure represents an intermediate step in the transi¬ 
tion, NaCl structure to ZnS structure. The data in Table 54 
show this very clearly. 

1 Niggli, P., Per., 63, 1823 (1930); and numerous papers in Z. Krist . 
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Evidently, as polarization and the influence of the covalent 
bond increase the trend is NaCl —> ZnO —> ZnS, but the conditions 
for the formation of these last two structures are so nearly alike 


Table 54.— The Transition, NaCl to ZnO to ZnS 


Anion 

Cation\^^ 

0 

S 

Se 

Te 

Cd 

NaCl 

ZnO 

ZnO 




ZnS 

ZnS 

ZnS 

Zn 

ZnO 

ZnO 





ZnS 

ZnS 

ZnS 


Compound 

Structure 

Compound 

Structure 

NaF 

NaCl 

Nal 

NaCl 

MgO 

NaCl 

MgTe 

ZnO 

AIN 

ZnO 

AlSb 

ZnS 

SiC 

ZnS 




that many compounds are found to crystallize in either form, 
depending upon the temperature or other conditions. 

The Transition , NaCl Structure —> NiAs Structure. —The NiAs 
structure, found in Zone VII in Chart A in the Appendix, is 
peculiar to compounds of the transition elements (Cr, Mn, Fe, 
Co, Ni, Pd, Pt) with S, Se, Te, As, Sb, Bi. The properties of 
crystals of this group are distinctive. As in the wurtzite struc¬ 
ture, the anions—“lattice supporters”—are on an hexagonal 
close-packed lattice. The metal atoms occupy positions at the 
centers of slightly distorted octahedra, on a simple hexagonal 
lattice, giving the crystal a C.N. 6. Each anion X is at the center 
of a trigonal prism and has six nearest neighbors. The arrange¬ 
ment of the metal atoms is suggestive of chains running in the 
direction of the c axis. 

The attempt has been made 1 to correlate the transition 
NaCl —» NiAs with a limiting value of the radius ratios. As 
might be expected, since there is no change in coordination 

1 Goldschmidt, V. M., Tram . Faraday Soc. f 25, 253 (1929). 

Westgrbn, A., J . Franklin Imt 212, 577 (1931). 
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number involved in this transition, the radius ratio values for the 
two structures are very much alike. In fact, these are not ionic 
crystals, but are built of atoms, and there is little point in 
analyzing them in terms of ionic radii. Crystal-structure data 
which illustrate the transition from the NaCl to the NiAs struc¬ 
ture are tabulated in Table 55. 


Table 55.— The Occurrence of the NiAs Structure 



Atomic 

radii 

0 

S 

Se 

Te 

As 

Sb 

Mg 

1.59 

NaCl 

NaCl 

NaCl 

ZnS* 



Ca 

1.97 

NaCl 

NaCl 

NaCl 

NaCl 



Cr 

1.25 


NiAs 

NiAs 

NiAs 


NiAs 




1.65 

1.62 

1.56 


1.33 

Mn 

1.24 

NaCl 

NaCl 

NaCl 

NiAs 

NiAs 

NiAs 






1.62 

1.54 

1.40 

Fe 

1.24 

NaCl 

NiAs 

NiAs 

| 

NiAs 


NiAs 

• 



1.69 

1.63 

1.49 


1.26 

Co 

1.25 

NaCl 

NiAs 

NiAs 

NiAs 


NiAs 




1.53 

1.47 

1.38 


1.34 

Ni 

1.24 

NaCl 

NiAs 

NiAs 

NiAs 

NiAs 

NiAs 




1.55 

1.46 

1.36 

1.39 

1.30 

Cd 

1.49 

NaCl 

ZnO 

ZnS 

ZnS 



Zn 

1.32 

ZnO 

ZnS 

ZnS 

ZnS 




* The symbols indicate the crystal structure, and the figures are axial ratios. Both are 
from R. W. G. Wyckoff, “The Structure of Crystals/’ Reinhold Publishing Corporation, 
New York, 1931. 


Inasmuch as the transition elements are known to lie between 
the A and B cations in polarizing power and their tendency to 
form the covalent bond, it might be supposed that the NiAs 
structure is the result of an intermediate type of bonding. Were 
this the case, however, one would expect to find the NiAs struc¬ 
ture between the NaCl and ZnO structures in the series of 
cadmium or zinc compounds, attached to Table 55 for compari¬ 
son. Without question, the influence of the electronic structure 
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of the transition elements—the incomplete 18-electron shell—is 
primarily responsible for the NiAs structure. 

Within the group there are some interesting systematic struc¬ 
tural changes caused by variations in atomic radii and bonding. 1 
In the NaCl lattice of the oxides, the oxygens are on a face- 
centered cubic (close-packed) lattice. It is therefore not 
surprising to find that, in the first compound of a transition series 
0 e.g ., FeO, FeS, FeSe, FeTe) to crystallize in the NiAs structure, 
the axial ratio is somewhere near 1.63, the ratio for the ideal 
hexagonal close packing of spheres. That is, there is a minimum 
of distortion of the lattice when the change from the cubic NaCl 
to the hexagonal NiAs occurs. The metal atoms, which occupied 
the centers of octahedra in the NaCl structure, still are found 
at the centers of distorted octahedra in the NiAs structure. With 
a given cation, as the anion is replaced by a more easily polarized 
anion and one more apt to form a covalent bond, the axial ratio 
decreases, i.e ., the crystal is stretched more along the a axis than 
along the c axis. This means, in effect, that the metal atoms, 
which were distributed symmetrically throughout the lattice in 
the least distorted NiAs lattice, are moving farther apart in the 
direction of the a axis and are becoming more closely associated 
in the direction of the c axis, t.e., the chain structure of the metal 
atoms is accentuated with increasing size and polarizability of 
the anion. Gradually, then, the metal atoms supplant the anions 
as the “lattice supporters.” The question arises as to whether 
the bond is covalent and/or metallic in all NiAs structures, or 
whether it, too, changes gradually; being more nearly ionic, for 
example, in the undistorted CrS (axial ratio 1.65) and most 
covalent in the highly distorted CrSb (axial ratio 1.33). This 
cannot be answered with certainty, but the gradual transition 
is quite likely. 

The NiAs group is of particular interest because, with respect 
to properties, its members resemble both the intermediate phases 
of alloys and the covalent and ionic compounds. The most 
distinctive metallic properties of the group are opacity, electrical 
conductivity, and the ability of the lattice to dissolve an excess 
of one of the constituents—a process which is, of course, unusual 
in an ionic lattice. 

1 Laves, F., Z. Krist ., 73, 202 (1930). 



THE STRUCTURES OF BINARY COMPOUNDS 


185 


The actual mechanism of solid solution for this structure has 
been studied particularly for FeS and FeSe, which may dissolve 
appreciable amounts of sulfur and selenium, respectively. The 
most significant feature of the solid solution is that, as the excess 
sulfur or selenium increases, the size of the unit cell, and particu¬ 
larly of the axial ratio, decreases. Thus: 



a, in A 

c, in A 

c/a 

FeS (1:1) 

3.43 

5.79 

1.69 

FeS (excess S) 

3.43 

5.68 

1.66 

FeSe (1:1) 

3.61 

5.87 

1.62 

FeSe (excess Se) 

3.51 

i 

5.55 

1.58 


These data lead to two conclusions. (1) The metal chains are 
separated still farther by the excess metalloid; witness the 
decreased axial ratio. (2) The greater proportion of sulfur or 
selenium does not result, structurally, from the addition of an 
excess of the metalloid, but from the loss of some of the iron 
atoms. Some lattice points in the iron chains are missing. Such 
a structure is reminiscent of the subtraction compounds described 
in Chap. IV. 

Boron Nitride , BN.—Boron nitride is isomorphous with 
graphite. It is a layer lattice and the only example of an 
AX compound crystallizing with a coordination number of three. 
Graphite and boron nitride offer another illustration of the rule 
found for so many ZnS structures; that there is a similarity of 
structure in a series of compounds in which A stands as many 
places before a fourth group element as X stands after the same 
element. In BN and graphite, as might be anticipated, not only 
the structures but also the interatomic distances are the same. 

Summary. —In this section, the first law of crystal chemistry 
has been applied to the study of the structure of AX compounds: 
The structure of a crystal is determined by the relative number, 
and the relative sizes of its building stones, and by the nature of 
the bonds between them. The outstanding characteristics of 
the ionic and covalent bonds have been discussed. It has been 
found that, although the ionic and covalent bonds each favor the 
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formation of certain crystal lattices, they are -not peculiar to 
these lattices. 

The relation between relative sizes of ions and the structures 
of AX compounds, as they have been developed, are summarized 
briefly in the following table: 


Lattice 

type 

Ra'.Rx 

ratio 

C.N. 

i 

Prevalent bond 
type 

Remarks 

CsCl 

0 73 + 

8 

Ionic 

Univalent ions 

NaCl 

0.41-0.73 

6 

Ionic (except ScN, 
TiC, PbS, PbSe, 
PbTc) 

Uni- and divalent 
cations of rare gas 
structure and oxides 
and fluorides of other 
cations* 

NiAs 


6 

Covalent-metallic 

A = transition ele¬ 
ment 

X = easily polarized 

ZnS-ZnO 

0.22-0 41 

4 

Covalent 

Covalent-i o n i c 
(BeO, MgTe, BeS, 
BeTe, Agl) 

A = B cation usually; 
if not, ionic bond 
predominates 

X = same as in NiAs 

BN'(layer) 

Molecular 

0.15-0.22 

• 

i 

■ 

3 

Covalent, metallic 

Covalent, molecular 

Intermol. force, van 
der Waals; intramol. 
force, HF, HCL, 
HBR, HI; ionic —> 
covalent 


* The following are all, in a sense, distorted NaCl structures: PbO, SnO, PdO, HgO, GeS, 
SnS, HgS. 


The Structures of AX 2 Compounds. —Like compounds of the 
general formula AX ) the AX 2 compounds may be formed with 
ionic, covalent, or molecular forces, and the structures of these 
compounds are determined by the relative sizes and the polariza¬ 
tion properties of their building stones and the nature of the 
binding forces. It is helpful to mark the AX 2 regions on Chart A, 
in the Appendix. There are three main groups: One, at the left, 
running diagonally downward from left to right, includes the AX% 
compounds of ions with the rare gas configuration. A second, 
past the center and also running downward from left to right, 
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contains compounds in which the cation has a completed 18-elec- 
tron shell. A third, Zone VII, includes the transition elements, 
those with incomplete 18-electron shells. 

There is every reason to believe that these three types of cations 
will exert, in general, the same influences in AX 2 compounds as 
they do in AX compounds. That is, it may be predicted that the 
A cations will form ionic crystals whose structures will be 
determined largely by relative ionic sizes; in compounds of the 
B cations the covalent bond will assume increasing importance, 
and the transition elements will form crystals resembling in 
properties those with the NiAs structure. They will not, of 
course, crystallize in the NiAs lattice, since the relative numbers 
of atoms are different in the two. 

Three general structural types of AX 2 compounds are 
conceivable: 

1. A and X are individual building stones, giving rise to ionic or atomic 
lattices, such as the CaF 2 , Ti0 2 , Cdl 2 , MoS 2 , and CdCl 2 structures. 

2. The building stones are A and X 2 , or A and AY, as in the CaC 2 , FeS 2 , 
and KCN structures. 

3. The building stones are molecules of AX 2 , as in C0 2 and N 2 0. The 
unit cells of these several structural types are shown in Figs. 30, 31, 32 and 
in Fig. 4, Chap. I. 

The Transition CaF 2 —> Ti0 2 , —This transition involves a 
change in coordination number from eight (four) for fluorite to six 
(three) for rutile, and it has already been shown that, for the 
difluorides of all three types of ions, the change in structure is 
closely related to the ionic sizes. The same relation holds gener¬ 
ally for the dioxides of a number of tetravalent elements, as may 
be seen from the data in Table 56. The fluorite and rutile struc¬ 
tures are limited almost entirely to the fluorides and oxides. 
In these structures the building stones are practically undistorted 
spheres, 1 and, since the interionic distances agree very well 
with the values for ionic radii, the bonds are undoubtedly 
essentially ionic. It has been shown 2 that the coulomb energy 

1 For packing of spheres, it is required that the axial ratio of the rutile 
structure be 0.72. Actually the axial ratios of most of the compounds 
known to crystallize in this lattice lie between 0.60-0.70. In the few 
exceptions it may be assumed that the ions are distorted. 

1 Pauling, Linus, /. Am, Chem . *Soc., 49 , 784 (1927), 
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of the fluorite structure is lower than that of the 
rutile structure, suggesting that all ionic AX 2 
compounds should crystallize like fluorite. 
This structure has the highest degree of sym¬ 
metry of all the AX 2 types. However, the 
geometric influence is strong enough to cause 
the fluorite —> rutile transition when the Ra-Rx 
ratio decreases below approximately 0.67, which 
is significantly close to the value 0.73 at which, 
for the packing of perfect spheres, the coordina¬ 
tion number will change from eight to six. 

In addition to the difluorides and dioxides 
(also SrCl 2 and US 2 ), the following compounds 
crystallize in these ionic lattices: Cu 2 S, Cu 2 Se, 
Li 2 0, Li 2 S, Na 2 S; Mg 2 Pb, Mg 2 Si, Mg 2 Sn. It 
is very probable that the bonds in the first five 
of these A 2 X compounds are also largely ionic. 

The Transition Ti0 2 -Si0 2 .—This transition, 
involving a decrease in coordination number 
from six (three) to four (two), results when the 
Ra '.Rx ratio falls below the critical value 0.41. 
There are several different forms of Si0 2 . In 
quartz, stable at ordinary temperatures, the 
large oxygen atoms are relatively close packed; 
the high temperature forms, tridymite and 
cristobalite, are more open structures, main¬ 
tained by thermal agitation. These open 
structures may also be stabilized by the inclu¬ 
sion of impurities. 1 In each, the silicon ions or 
atoms lie at the centers of oxygen tetrahedra. 
As is now well known, however, this tetrahedral 
coordination will permit either ionic or covalent 
bonds, and the type of bond actually present 
must be determined from other considerations. 
An ionic structure would allow the oxygen 
bonds to assume any angles, while covalent 
bonds should approximate angles of 90 or 109.6 
deg. In /3-tridymite the observed angle of 180 

1 Buerger, M. J., Z, Krist 90, 186 (1935), 
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deg. suggests an ionic bond, and in a-quartz the bonds may be 
somewhat covalent. Ge0 2 has the structure of x-quartz. 

The number of truly ionic crystals is more limited among 
the AX 2 compounds than within the AX group. This is not 
strange, since a divalent cation has a higher ionization potential 
than does a univalent cation of the same size. 

The Transition , Ionic Lattice —* Layer Lattice: 

CaF 2 Ti0 2 —> CdCl 2 Cdl 2 MoS 2 
C.N. 8-4 6-3 -+ 6-3 6-3 6-3 

In the introduction it was shown that the stability of the 
Cdl 2 structure may be attributed either to covalent bond 
formation or to strong polarization. Thus, when the F“ 
(radius = 1.33 A) in CaF 2 is replaced by OH“, having the same 
ionic radius but being unsymmetrical and easily polarized, the 
resulting Ca(OH) 2 crystallizes in the Cdl 2 structure. This is 
a so-called “layer lattice”; the building stones are arranged so 
that the cadmium ions are coordinated symmetrically to six 
iodide ions, but each iodide ion has three cadmium neighbors 
on only one side. This means that there are positive and negative 
ions in the sequence: 

x- X - x- 

A++ A++ A ++ 

X- X- X- 

-cleavage plane 

X- X- X- 

A ++ A ++ A ++ 

X- X- X- 

an arrangement which gives rise to a discontinuity in strength 
along the vertical direction, since the bonds between adjacent 
layers of negative ions must be very weak in comparison with 
those between ions of opposite charges. A packing drawing of 
the Cdl 2 structure is shown in Fig. 5 (Chap. I). 

It is convenient to consider the three structures CdCl 2 , Cdl 2 , 
and MoS 2 as a group, since all are of the layer lattice type. The 
experimental values of the Ra'.Rx ratios of the first two of these 
are compared, in Table 57, with the values found for crystals 
with the Ti0 2 structure. 

Obviously the transition Ti0 2 to CdCl 2 (Cdl 2 ) cannot be 
attributed to the relative ionic radii, nor can one predict on the 
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Table 57. — Range of Experimental Ra: Rx Values of TiOs, CdCli, and 

Cdl 2 Crystals 

Ti0 2 0.39-0.63 

CdCI* 0.28-0.55 

Cdl 2 0.24-0.54 

basis of radius ratio which of the structures Ti0 2 , CdCl 2 , or Cdl 2 
will occur. On the contrary a survey of the compounds which 
crystallize like CdCl 2 and Cdl 2 makes it plain that these struc¬ 
tures are always the result of the covalent bond influence or of 
polarization. Among these compounds there are three distinct 
groups: 

1. The bromides and the iodides of divalent transition ions and B cations, 
and of the smallest of the A cations, Mg ++ . These are all strongly polarizing 
and are combined with the two halides most easily polarized. Covalent 
bonding may also be expected to be influential. 

2. The sulfides, selenides, and tellurides of some tetravalent ions, including 
palladium, platinum, tin, titanium, and zirconium, all strongly polarizing 
cations with easily polarized anions; and all involving an appreciable degree 
of covalent binding. 

3. Hydroxides of many divalent ions, those with the rare gas configuration 
(Ca, Mg) as well as the B cations (Cd) and transition cations (Co, Fe, Ni, Mn). 
The OH~ has a permanent dipole and so induces the formation of the Cdl 2 
structure even when combined with a cation, such as calcium, which is not 
strongly polarizing. 

The relationship of the CaF 2 , Ti0 2 , CdCl 2 , and Cdl 2 structures 
may be seen more clearly in Table 58. It is evident that the 
Ti0 2 structure is not an intermediate type in the transition from 
CdCl 

CaF 2 —> ~ , T 2 * The occurrence of the CaF 2 or Ti0 2 structure is 

C/Cll 2 

a matter of ionic radii. The substitution in either of these 
lattices of an easily polarized ion for one which does not polarize 
easily leads to the CdCl 2 or Cdl 2 structure. 

The CdCl 2 structure, on the other hand, is obviously a half¬ 
way point in the transition 

(™:)- c - c, - cdi - 

and is therefore produced when the degree of polarization is 
greater than in the CaF 2 or Ti() 2 lattice but less than in the Cdlj 
lattice. This CdCl* lattice is found only among chlorides of 
certain divalent cations of all three types: the rare gas cations, 



THE STRUCTURES OF BINARY COMPOUNDS 


191 


Mg 4- *", ions of the transition elements, Mn ++ , Fe ++ Co ++ , Ni++, 
Ru +4 , Rh +4 Pd +4 , Ir +4 , Pt +4 , and divalent B cations, Zn++, Cd ++ . 


Table 58.— Occurrence of the CdCl 2 and Cdl 2 Structures 


Cation 

Radii 

Anion 

F 

Cl 

Br 

I 

Ni 

0.74 

Ti0 2 

CdCl 2 



Co 

0.78 

Ti0 2 

CdCl 2 

Cdl 2 

Cdl 2 

Fe 

0.80 

Ti0 2 

CdCl 2 

Cdl 2 

Cdl 2 

Mn 

-0.83 

Ti0 2 

CdCl 2 

Cdl 2 

Cdl 2 

Zn 

0.83 

Ti0 2 

CdCl* 



Mg 

0.83 

Ti0 2 

CdCl 2 

Cdl 2 


Cd 

0.99 

Ti0 2 

CdCl 2 

CdCl 2 

Cdl 2 

Ca 

1.05 

CaFo 




Sr 

1.18 

CaF 2 

CaF 2 



Ba 

1.31 

CaF 2 





The CdCl 2 and Cdl 2 structures are very similar. They have 
been described in detail by Pauling and Hoard. 1 In both, each 
cadmium ion is surrounded octahedrally by six halogen ions, and 
the edges of these octahedra are shared with others to form a 
complete octahedral layer. In the Cdl 2 structure the layers are 
superimposed so that each cation is directly above a cation in 
the layer below, while in the CdCl 2 structure each cation is 
directly above an anion in the layer below. This arrangement 
within the layers is schematically shown as follows: 


CdCl 2 Structure 
Cl at A 
Cd at B 
Cl at C 
Cl at B 
Cd at C 
Cl at A 
Cl atC 
Cd at A 
Cl at B 
Cl at A 
Cd at B 
Cl atC 


Cdl3 Structure 
I at A 
Cd at B 
I at e 

Length I at A 

of Cd at B 

Unit I at e 

I at A 
Cd at B 
I at e 
I at A 
Cd at B 
late 


Length 

of 

Unit 


1 Paulino, Linus, Proc. Natl. Acad. Sci ., 16, 709 (1929); Pauling, Linus, 
and J. L, Hoard, Z. Krist ., 74, 548 (1930). 
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Evidently there is no essential physical difference in these two 
arrangements; merely a difference in the sequence of layers and 
therefore in the unit of structure. In fact, although sublimed 
CdBr 2 has the CdCl 2 structure, it has recently been claimed 1 
that the diffraction pattern of precipitated CdBr 2 shows only 
the lines common to both the CdCl 2 and Cdl 2 structures, and a 
structure is suggested in which there is a random arrangement 
of the layers of both types. 

The nature of the bonds in crystals of the CdCl 2 and Cdl 2 
types may be surmised from a consideration of interionic dis¬ 
tances. In both, the anion-anion distances are compatible with 
ionic radii. The Cd-Cl distance in CdCl 2 , however, is only 
2.66 A as compared with 2.78, the sum of the ionic radii. This 
decrease in interionic distance shows evidence of the covalent 
bond and polarization. From the standpoint of bond type, 
both these structures are transitional in nature. The bonds 
within a given layer are ionic-covalent; each layer may represent 
a single giant molecule. The bonds between layers are weaker, 
essentially molecular or van der Waals’ forces. In the com¬ 
parable AX compounds, those with the ZnS (ZnO) structure, 
a layer lattice is not possible and strong covalent or partly 
ionic bonds extend throughout the crystal, so that the whole may 
be thought of as a giant molecule. 

Whereas in the CdCl 2 and Cdl 2 layer lattices the halogen 
ions are at the corners of an octahedron, only slightly distorted, 
in the MoS 2 lattice, the negative atoms are at the corners of a 
trigonal prism. Furthermore, the S-S distance indicates that 
the sulfurs are in the atomic rather than the ionic state. The 
MoS 2 structure, therefore, is a layer lattice in which the forces 
are largely covalent within layers. It is known only for WS 2 , 
WTe 2 , MoS 2 , MoSe 2 , and MoTe 2 . Why these two metals 
should form the MoS 2 structure while the sulfides, selenides, and 
tellurides of Ti,* Zr, Sn, Pt, and Pd crystallize like Cdl 2 has not 
been established with certainty, but wave mechanical calcula¬ 
tions suggest that quadrivalent tungsten and molybdenum can 
form the trigonal prism covalent bonds which characterize the 
MoS 2 structure. 2 

1 Buvoet, J. M., and W. Nieuwenkamp, Z. Kriat 86, 466 (1933). 

* Hvltgren, R., Phya. Rev., 40, 891 (1932). 
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The Transition Cdl 2 , CdCl 2 , MoS 2 —> FeS 2 .—The pyrite 
structure is found among compounds of the transition elements 
with S, Se, Te, P, As, and Sb; the same combinations of elements 
which, in AX compounds, form the NiAs lattice. The properties 
of compounds crystallizing in the pyrite lattice are distinctive 
and similar to those of compounds with the NiAs structure. 

The difference between the layer lattices and that of pyrite 
seems to depend primarily upon the condition of the atoms X 
in the compound AX 2 . In the CdCl 2 and Cdl 2 lattices, X is 
an ion, or nearly so; in the MoS 2 lattice are found X atoms, and 
in pyrite there exists in the lattice a definite X 2 molecular group. 
The distance Fe-S in the pyrite crystal indicates that the iron is 
in the atomic rather than the ionic state. The S-S distance is 
2.08 A, which is about twice the radius (1.06 A) of atomic sulfur. 

Table 59.— Atomic Radii and the Occurrence of the FeS 2 Structure 


Element 

Radius 

(C.N.12) 

Structure of sulfides, selenides, tellurides 

Compounds 

Structure type 

Zr 

1.60 

ZrS 2 

ZrSe 2 


Cdl 2 

Sn 

1.58 

S 11 S 2 



Cdl 2 

Ti 

1.45 

TiS 2 

TiSe 2 

TiTe 2 

Cdl 2 

W 

1.41 

WS 2 

WSe 2 

WTe 2 

M 0 S 2 

Mo 

1.40 

M 0 S 2 

MoSe 2 

MoTe 2 

MoS 2 

Pt 

1.38 

PtS 2 

PtSe 2 

PtTe 2 

Cdl 2 

Pd 

1.37 



PdTe 2 

Cdl 2 

Mn 

1.38 

MnS 2 


MnTe 2 

FeS 2 

Os 

1.34 

OsS 2 

OsSe 2 

OsTe 2 

FeS 2 

Ru 

1.32 

R 11 S 2 

RuSe 2 

RuTe 2 

FeS 2 

Fe 

1.27 

FeS 2 



FeS 2 

Co 

1.26 

C 0 S 2 

CoSe 2 


FeS 2 

Ni 

1.24 

NiS 2 

NiSe 2 


FeS 2 


It is interesting to consider the cause of these differences in 
the condition of the X atoms. Goldschmidt has suggested that 
when the atomic radii of the metals are large, layer lattices are 
formed; whereas, metals with small atomic radii and low valences 
cannot split the X 2 molecule, and the pyrite lattice results. This 
suggestion is based on his classification, 1 shown in Table 59. 

1 Goldschmidt, V. M., Tram. Faraday Soc ., 26, 279 (1929). 
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The influence of the valence of the metal, however, appears to 
be of greater significance than the size. Those metals which 
form the Cdl 2 or MoS 2 structure are all quadrivalent, and each 
may therefore combine with two X atoms through either ionic 
bonds (in Cdl 2 ) or covalent bonds (in MoS 2 ). Those metals 
which favor the pyrite structure, on the other hand, are apt to 
form divalent ions. They are therefore unable to combine with 
two separate divalent X atoms through either ionic or covalent 
bonds. But when two divalent X atoms combine with them¬ 
selves to form an X 2 group, the electronic arrangment may be 


presumed to be :X:X f leaving two electrons lacking to complete 

the octets. The X 2 group, then, may be considered as having 
a negative valence of two and is equivalent in combining power 
to one divalent X atom. The divalent metals are therefore 
able to combine with this X 2 group just as they can combine with 
a single divalent negative atom. Hence the type of combination 
may be essentially the same in FeS and in FeS 2 , both satisfying 
the same valence requirements. That the type of bond is similar 
in crystals of the NiAs and FeS 2 types is unmistakably supported 
by the striking similarity of properties of these two groups. 
The situation may be summarized in slightly different terms. A 
tetravalent metal atom can and does hold each divalent X atom 
separately; a divalent metal atom cannot do this and, as an 
alternative, holds one divalent X 2 group. 

As further evidence in support of this picture, the comparisons 
in Table 60 may be cited. 


Table 00.—Structures of Certain Platinum Salts 
Cdl 2 Structure FeS 2 Structure 

PtSa PtP 2 

PtSe 2 PtAs 2 

PtTe 2 PtSb 2 


Let it be assumed that the platinum tends to be quadrivalent. 
Then it is able to hold two divalent X atoms separately and the 
sulfide, selenide, and telluride of platinum crystallize in the Cdl 2 
structure. But two trivalent atoms ( e.g ., P, As, Sb) cannot be 
held separately by a tetravalent atom. When two trivalent 
atoms X form an X 2 group, however, the electronic arrangement 
is X:X, and the group lacks four electrons to complete the 
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octets. That is, the X 2 group, as such, has a negative valence 
of four and can combine with tetravalent platinum in the usual 
way. Stated in another way, platinum has a high enough valence 
to split the S 2 group but not the P 2 group. One may predict 
that in an AX 2 compound with X trivalent, if A were hexavalent, 
and other conditions suitable the compound would have the Cdl 2 
or MoS 2 structure. 

Of course, it must be repeated that all the bonds in the FeS 2 
structure are not strictly covalent. The pronounced metallic 
properties of compounds with this 
structure indicate that the bonds 
are, to some degree, metallic. It 
is probably significant that in both 
the NiAs and FeS 2 structures the 
metal is always a transition ele¬ 
ment. In CoS 2 and NiS 2 , for 
example, there are electrons which 
cannot be placed in the regular 3d, 

4s, and 4 p orbitals but must go into 
excited orbitals. These are prob¬ 
ably metallic electrons. 1 

The CaC 2 Structure .—This struc¬ 
ture, shown in Fig. 30, bears a cer¬ 
tain resemblance to pyrite, in that 
the carbon atoms exist as C 2 groups. 

The similarity ends here, however, 
for the properties of the carbides do 
not resemble those of the pyrite group in the least. (Carbides 
of the transition elements, interstitial structures, do have 
metallic properties.) The CaC 2 structure has been observed for 
the carbides of Ca, Sr, Ba, Ce, La, Nd, and Pr. It has been 
reported that Ba0 2 and Sr0 2 also have the CaC 2 structure, thus 
confirming the actual existence of the 02 “ radical in these 
compounds. 2 

The Transition FeS 2 —>C0 2 .—In both these structures the 
space group and the atomic positions are the same as shown 



Fig. 30 — a, the unit prism of the 
CaC2 arrangement, projected upon 
an a-faee. Atoms of Ca are small, 
atoms of C are larger circles, b, a 
packing drawing. The atoms of C 
have been made large enough to 
contact with adjacent Ca ions. 
(From Wyckoff , “ The Structure of 
Crystalsby permission of the 
Reinhold Publishing Corporation, 
New York.) 


1 Pauling, Linus, and M. L. Huggins, Z . Krist ., 87, 228 (1934). 

2 Bernal, J. D., E. D’yatlova, I. Kasaknovskii, S. I. Rahkstein, 
A. G. Ward, Z. Krist ., 92, 344 (1935). 
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in Figs. 31 and 32, but the parameters differ. The X at-oms which 
existed as S 2 groups in FeS* are attracted strongly to the carbon 



Fio. 31.— a, a projection of the unit cell of pyrite upon a cube face. Distances 
below the projection plane are indicated by a minus sign. In comparing a and b 
it must be remembered that 0.10 is equivalent to 0.90. b, a packing drawing of 
the unit cube, assuming atomic radii. ( From Wyckoff, 11 The Structure of Crystals 
by permission of the Reinhold Publishing Corporation, New York.) 


in C0 2 and have become definitely associated with it to form a 
molecular structure. 

Both structures may be pictured as special cases of the NaCl 
structure. In all three the atoms A are on a face-centered cubic 



a b 

Fig. 32.— a, a projection of the unit cell of solid CO 2 upon a cube face. Atoms 
of C are small, atoms of oxygen are larger circles, b , a packing drawing of solid 
CO*. (From Wyckoff, “ The Structure of Crystals ” by permission of the Reinhold 
Publishing Corporation, New York.) 

lattice. In NaCl the atoms X are on an interpenetrating face- 
centered cubic lattice; in pyrite, X 2 groups are on an inter¬ 
penetrating face-centered cubic lattice; in C0 2 , the X atoms are 
part of the C0 2 molecule. The KCN structure may also be 
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considered as an elaboration of the NaCl structure. 1 In this 
case, the CN~ acts as a unit, so that the compound KCN belongs 
more properly with AX compounds rather than with the AX 2 
group. 

In AX 2 compounds the complete transition from an ionic 
to a molecular lattice might be represented by the series: 

C.N. C.N. 6-3 C.N. 6-3 C.N. 2-1 


8-4 

6-3 


CaF, 

TiOa 


CdCU 

Cdl 2 

ionic-covalent <— intralayer ■ 
van der Waals <— interlayer 


, MoSj-► COj 

covalent covalent (intramol.) 

► van der Waals van der Waals (intermol.) 

1 

FeSi 

Fe-S 2 covalent-metallic 
S-S covalent 


Niggli 2 has pointed out certain simple but helpful relationships 
between the arrangement of atoms in metallic, AX and AX 2 
lattices. It is useful to observe that, in general, three principal 
types of packing may be followed through the most common 
metallic, AX and AX 2 structures. These are face-centered cubic, 
body-centered cubic, and close-packed hexagonal. In the 
structures listed in Table 61, it is usually the negative ions or 


Table 61.— Packing of “Lattice Supporters” in Metals, AX and AX* 

Lattices 



Body-centered 

cubic 

Face-centered 

cubic 

Close-packed 

hexagonal 

Layer 

Metal 

Tungsten 

Copper 

Magnesium 

Graphite 

AX 

CsCl 

NaCl 

ZnS 

NiAs 

ZnO 

BN 

AX* 


CaF 2 

CdCls 

Cdl, 

Hgl, 




FeSa 

Co 2 

Cu 2 0 




1 Wyckoff, R. W. G., “The Structure of Crystals,” pp. 234-235, Reinhold 
Publishing Corporation , New York, 1930. 

1 Niggli, P., and E. Brandenberger, Z. Kristy 79, 379 (1931). 
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atoms X y which are packed in one of these three ways (for 
CaF*, FeS 2 , CujO, and COa, it is the positive ions or atoms A 
which are on a face-centered cubic lattice). 

The Structures of A 2 X Z Compounds. —Nearly all of the A%X% 
compounds whose structures have been studied are oxides. 
They are essentially ionic and their structures depend upon the 
relative sizes of the ions as is evident from the data in Table 62. 


Table 62.— Influence of Ri:Rx on the Structure of A 2 X 3 Oxides* 


: 

Ra^Rx 

Structure 

C.N. 

Examples 

0.43-0.52 

Corundum 

6-4 

a-AIjOa, a-Gfl?Oj, ff-FfisOjt T^Os, 
Cr-iOs, V 2 0 3 , Rh .O., 

0.53-0.86 

C structure of 
rare earth ox¬ 
ides 

6-4 

(Fe,Mn) 2 0 3 , SC 2 O 3 , ln 2 0 3 , Lu 2 0 3> 
Yb 2 0 3 , Tu 2 0 3 , Er 2 0 3 , T1 2 0 3 , Ho 2 0 3 , 
Y 2 0 3 , Dv 2 0 3 , Tb 2 0 3 , Gd>Oa, Eu 2 0 3 , 
Sm 2 0 3 


B rare earths 


/ 

Dy 2 O s , Tb 2 0 3 

0.86-0 92 

A rare earth 

3-2 

La 2 0 3 , Ce 2 0 3 , Pr 2 0 3 , Nd 2 0 3 , Sm 2 0 3 


♦The Ra'.Rx values are calculated from the crystal ionic radii, not from the univalent 
radii. 


The Corundum Structure . 1 —The structure is rhombohedral. 
As might be expected from the Ra‘Rx ratio, each metal ion is 
surrounded by six oxide ions at the corners of a somewhat dis¬ 
torted octahedron in which the edges are shortened, a shortening 
which is quite characteristic of ionic crystals. 2 The interionic 
distances also suggest that the bonds are essentially ionic. 

The C Modification of the Rare Earths. T1 2 0 3 .—This structure 
bears an interesting geometrical relation to zinc blende and 
fluorite. It is cubic, and the metal atoms may be pictured on a 
face-centered cubic lattice as they are in ZnS and CaF 2 . In 
CaF 2 , there are eight X ions at the corners of a cube within the 
face-centered cube of metal ions (see Fig. 4, Chap. I); in ZnS, 

‘Pauling, Linus, and S. B. Hendricks, J. Am. Chem. Soc. t 47, 781 
(1026). 

* Paulino, Linus, and M. L. Huggins, Z. Krist 87, 216 (1934). 
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four of these eight X ions have been removed; in the idealized 
T1 2 0 3 lattice, only two of the eight X ions need be removed to 
satisfy the stoichiometric relation A 2 X 3 . In the actual T1 2 0 3 
structure, there is considerable distortion and the coordinated 
octahedra are such that the anions lie nearly at six comers of a 
cube. It is thus possible to maintain the C.N. 6 even though the 
Ra '-Rx value may be as high as 0 . 86 . 

The A Modification of the Rare Earths. La 2 0 3 .—This is a 
layer lattice. Pauling has suggested that the deformation 
of the lattice is due to the mutual repulsion of La +3 ions in a 
close-packed layer. Because of this mutual repulsion and the 
resulting deformation, each cation is closer to one anion of another 
layer than it is to three of the anions in its own octahedra. 
Actually, each cation is coordinated to seven anions and the 
crystal is built of electrically neutral double layers of octahedra. 
Interionic distances indicate that the forces within the layers 
are essentially ionic. 

As 4 0 6 and Sb 4 0 6 form molecular crystals, the As 4 0« molecules 
being distributed in a cubic lattice with their centers at the posi¬ 
tions occupied by carbon atoms in the diamond lattice. In 
the high temperature, orthorhombic form of Sb 2 0 3 , there exist 
double molecular chains, rather than discrete molecules . 1 

A transition from ionic, to layer, to molecular lattice is illus¬ 
trated by the series 

Corundum —» A structure —> As 4 0 6 

The Structures of AX Z Compounds. —Three main types of 
AXz crystals, reminiscent of the three types of AX 2 crystals, 
are to be expected . 2 

1. X X, in which atoms or ions of A and X act as in- 

\/ 

1 

X 

dependent building units in the crystal. Examples: A1F S and 
AsI 3 structures. 

1 Buerger, M. J., and S. B.. Hendricks, J. Chem. Phys., 6 , 600 (1937). 

2 The structures of AX* type have recently been summarized by Nowaiki: 
Z . Krist ., 89, 85 (1934). 
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2. A(X)z or A{XY 2 ) y in which the X 3 or XY 2 group is a single 
unit in the structure. Examples: NaN 3 , KN 3 , and the iso- 
morphous CsCl 2 I, NaHF 2 , and KHF 2 . 

3. Molecular crystals, in which the AX 3 molecule acts as a 
structural unit. Example: NH 3 . 

Neuburger 1 has pointed out, that those fluorides of trivalent 
metals, the oxides of which have the corundum structure, crystal¬ 
lize like A1F 3 ; when the oxides have the C structure, the fluorides 
crystallize like tysonite, LaF 3 . The Ra-Rx values separating 
these structural types correspond to those for the A 2 X 3 groups, 
since the radii of 0“ and F~ are about the same. 

Because the fluoride ion is so small, is not easily polarized, 
and tends to form an ionic bond the trifluorides do not crystallize 
in lattices in which the layers are well developed. Layer lattices 
are to be expected for trichlorides, tribromides, and triiodides, 
however, in which the anion is larger and easily polarized. 2 
A typical transition from an ionic lattice to a layer lattice is 
represented by BiF 3 —» Bil 3 . 

The NaN 3 and KN 3 Structures .—These structures resemble 
geometrically those of pyrite and CaC 2 in that the N 3 group 
exists in the crystal as such. It is, perhaps, easiest to visualize 
these structures as they are related to the CsCl and NaCl lattices, 
respectively. 3 

The substitution of cylindrical N 3 ions for spherical Cl ions 
causes the NaCl structure to expand along the 111 (body diago¬ 
nal) direction. The substitution of N 3 for Cl ions in the CsCl 
structure requires an expansion along both the h and k axes, 
and a tetragonal crystal results. 

It is not surprising to find KCNO essentially, though not 
exactly, ismorphous with KN 3 , for the total number of electrons 
of the two groups CNO and N 3 are the same, each containing 
three nuclei, 6 inner and 16 outer electrons. Furthermore, the 
acid fluoride NaHF 2 and KHF 2 also crystallize like KN 3 , and the 
HF 2 group has three nuclei and 22 electrons. Other groups 

1 Neubtjbger, M. C., “ Ahrens' Sammlung,” no. 17, F. Enke, Stuttgart, 
1933. 

* Megaw, H. D., Z . KrisL, 87, 185 (1934). 

* Hendricks, S. B., and Linus Pauling, J. Am. Chem. Soc. t 47, 2904 
(1925). 
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which have three nuclei and 22 electrons are C0 2 and N 2 0, and 
these have structures analogous to the N 3 ion—the three atoms 
are colinear. It is to be expected that the B0 2 ~ and Be0 2 " and 
N0 2 + ions, all with 22 electrons, will also have this colinear 
structure. 

The Structures of AXi Compounds. —There is little chance 
for compounds of this type to crystallize in any but a molecular 
lattice. This is evident, since each A may be completely 
surrounded and screened by four X atoms, preventing any direct 
bond between this A atom and an X atom of a neighboring 
molecule. The Snl 4 structure (Fig. 7) is the best known of 
this group, the building unit being the Snl 4 molecule, of which 
there are eight in a unit cell. The distance between iodide atoms 
in neighboring tetrahedra is 4.21 A, agreeing with their separation 
in the Cdl 2 structure and in molecular iodine. Of the few AXi 
compounds whose structures have been studied, nearly all 
crystallize like Snl 4 . 

The Structures of AX 6 Compounds. —The structure of CaB 6 
and a number of isomorphous substances is of particular interest 
because each boron is approximately equidistant from five other 
boron atoms 1 forming a three dimensional network with the 
calcium ions lying in the interstices. To find boron, an atom’ 
in the first short period, forming five bonds is very unusual; 
but there seems to be no doubt that the structure is the correct 
one. 

Binary Compounds of Variable Composition. Subtraction and 
Addition Compounds . 2 —The solution of excess sulfur, selenium, 
and oxygen in the FeS, FeSe, and FeO lattices, respectively, 
has already been described. Many additional cases of this type 
of variable composition are coming to light and contribute to 
the lengthening list of compounds which do not, in the strict 
sense, conform to the law of definite proportions. 

Magnetic ferric oxide, 7-Fe 2 0 3 , formed by the low temperature 
oxidation of Fc 30 4 , retains the spinel structure of the latter. The 
oxygen lattice remains intact throughout the change, but, as 

1 Von Stackelberg, M., and F. Neumann, Z. physik. Chem ., B 19, 314 
(1932); Laves, F., Z. physik. Chem., B 22, 114 (1933); Pauling, Linus, and 
8. Wbinbaum, Z. Krist., 87, 181 (1934). 

* See also pp. 156-157, Chap. IV; and p. 330, Chap. X. 
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the valence of iron increases, vacant positions appear in the iron 
lattice. 1 7-FeaOs may be grouped with the subtraction 
compounds. 

The influence of solid solution in binary compounds upon the 
electronic conductivity of such compounds has been discussed 
by Wagner. 2 According to his interpretation, the increase in 
electronic conductivity of CdO and ZnO with decreasing oxygen 
pressure 3 shows that these oxides can dissolve excess metal; 
while the increase in electronic conductivity with increasing 
pressure of iodine and oxygen in Cul 4 and Cu 2 0, 6 respectively, 
indicates the formation of solid solutions with an excess of iodine 
or oxygen. 

Several unusual cases of solid solution, difficult to understand 
on the basis of the first law of crystal chemistry, are reasonable 
when viewed in the light of the subtraction compound, the crystal 
with vacant lattice points. MgCl 2 and LiCl, although differing 
in crystal structures and in relative numbers of positive and 
negative ions, form solid solutions over a wide range of composi¬ 
tion. 6 In both, the chloride ions lie on a close-packed cubic 
lattice, but in LiCl there are twice as many cations as in MgCl 2 . 
Solid solutions of MgCl 2 in LiCl, therefore, may be considered 
as crystals of the LiCl type, but with some of the cation positions 
vacant. On the contrary, the well-known solid solutions of 
YFs in CaF 2 and of BiF 3 in PbF 2 , 7 are thought to be possible 8 
because of the interstitial addition of fluoride ions to the CaF 2 
lattice, an addition which, because of the relatively small size 
of F~, is geometrically permissible. 

Possibly the isomorphism of Co(NH 3 ) 6 l 2 and Co(NH 3 ) 6 Ia 
is like that of CaF 2 and YFs. 9 In the former case, even the large 
iodide ions may enter the CaF 2 lattice of Co(NH 3 ) 6 l 2 inter- 

1 Hagg, G., Z. physik . Chem., B 29, 95 (1935). 

* Wagner, C., Z. physik. Chem., B 22, 181 (1933). 

* Baumbach, H. H. V., and C. Wagner, Z. physik. Chem., B 22, 191 
(1933). 

4 Nagel, K., and C. Wagner, Z. physik. Chem., B 25, 71 (1934). 

* Dunwald, H., and C. Wagner, Z. physik. Chem ., B 22, 212 (1933). 

* Bruni, G., and A. Ferrari, Z. Krist. t 89, 499 (1934). 

7 Hassel, O., and S. Nillsbn, Z. anorg. allgem. Chem., 181,172 (1929). 

1 Hagg, G., Z. Krist., 91, 144 (1935). 

9 Hassel, O., and H. Kringstad, Z. anorg. allgem , Chem., 209, 281 (1932). 
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stitially, because of the stable lattice of much larger (^(NHs)*** 
groups. 

It is helpful to consider these compounds of variable composi¬ 
tion as interstitial phenomena, made possible, usually, by the 
existence of very stable anion lattices. The wide range of 
homogeneity of the Ag 2 HgI 4 lattice 1 has been attributed to 
the stability of the lattice of large, close-packed iodide ions, in 
the interstices of which small silver and mercuric ions may be 
substituted more or less indiscriminately. 

In many of the silicates, to be discussed later, interstitial sub¬ 
stitution is possible because of the strong Si 02 skeleton which 
dominates these crystals. 

The Structure of Binary Compounds. Summary. —The struc¬ 
ture of a crystal is determined primarily by the relative numbers, 
the relative sizes of its building stones, and the nature of the 
bonds between them. The structural details of greatest signifi¬ 
cance are: the arrangement of, and the distance between, the 
building stones, and the nature of the bond. 2 The polarization 
properties of atoms or ions probably exert a minor influence on 
crystal structure. They are determined principally by size and 
electronic structure. Valence, and the number of electrons in 
the outer shell of the ion are the important features of electronic 
structure. 

The methods of determining the nature of the bonds in a 
crystalline solid have been outlined, and the characteristics of 
the ionic and covalent bonds have been reviewed. 

The Effect of Electronic Structure on Type of Bond and Polariza¬ 
tion Properties .—The effect of electronic structure upon polariza¬ 
tion and bond type may be summarized as shown in the table at 
the top of page 204. 

This classification is borne out by Chart A, in the Appendix, 
almost without exception. The regions of two- and eight- 
electron-shell cations, and the fluorides and oxides, contain ionic 
crystals. The metallic bond regionis limited strictly to the sixth, 

1 Ketelaar, J. A. A., Z. KrisL } 87, 436 (1934). 

2 It should he recalled that both these criteria have been used in the 
classification of crystals. Thus, one speaks of the NaCl structure, referring 
to the arrangement of the building stones; and of an ionic crystal, emphasis¬ 
ing the bond type. 
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Electronic structure 



Electrons in 
outer shell 
of ion 

Valence 

Bond type 

3 

18 + 2 

(Univalent 

J Divalent 

Univalent 

Largely ionic 

Not strongly polar¬ 
izing 

a 

8-* 18 

18 

18 + 2 

(Trivalent 
{Tetra valent 
Transition 

Any valence 

Ionic to covalent 
More ionic with ox¬ 
ide or fluoride 

Strongly polarizing 

8 —* 18 

Transition ions with 
S, Se, Te, P, As, 
Sb, Bi 

Covalent, partially 
metallic bond 

> 


seventh, and eighth group transition elements.* Most of the 
rest are covalent or predominantly covalent compounds with 
either atoms or molecules for building stones. 


Ratio X'A 


AX 4 


Molecular 


AX 3 

AX Z 




Ionic (ffouridcs) 
Layer 


Ionic (ffoundes) 

Layer 

Molecular Ionic (oxides) 

Layer 

FeSz (metallic) 
Ionic (oxides) Molecular 


AX 


- Ionic (6) Ionic (6) Atomic 

; Molecular(CO) 

1 1 Z 

Valence of A 


Atomic 

_i_ 

4 


Fio. 33.—The influence of stoichiometric formula, valence, and electronic struc¬ 
ture upon the crystal structure of binary crystals. Figures in parentheses 
designate ions characterized by 8 or 18 electrons in the outer shell. 


While the limited number of compounds of the groups A 2 Xi, 
AX*, AX 4 , and A m X n which have been studied does not permit so 
complete a systematization of types as is possible with the 
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AX and AX 2 groups, certain general tendencies of the entire 
series of binary compounds may be observed. The influence 
of the number of building stones (as indicated by stoichiometric 
formulas) and their valences upon the crystal structure of binary 
compounds, classified according to the character of these building 
stones, is shown graphically in Fig. 33. This chart brings out 
the following points: 

1. As the valence of either cation or anion, or both, increases, 
the tendency to form ionic crystals decreases and the tendency to 
form molecular crystals increases. In binary compounds, other 
than the univalent and divalent AX compounds, ionic forces 
prevail only when the anion is either fluoride or oxide, both with 
high electron affinities. Thus, in the AX and AX 2 compounds, 
the bonds may be ionic, metallic, covalent, or molecular; and for 
these compounds the influence of other factors must be taken 
into consideration. 

2. The layer lattice, in which a layer may be thought of 
as a giant molecule, a structural unit in the crystal, is limited 
to the AX 3 crystals and the AX 2 compounds in which A is a 
strongly polarizing cation (also BN). Again, its intermediate 
position in the transition from ionic to molecular type is evident. 

3. Only the molecular lattice is found among AX 4 crystals. 

The influence of the relative numbers of building stones, their 

valences, and electronic structures upon crystal structure is 
summarized in greater detail in Table 63. Here, both the 
arrangement of the building units and the nature of the forces 
holding them together are described. 

Chart A, 1 described in the Appendix, summarizes in detail the 
influence of size, stoichiometric formula, electronic structure, 
type of binding and polarization properties upon the structure 
of binary compounds. 2 

1 The data have been taken, for the most part, from: Ewald, P. P., and 
C. Hermann, “Strukturberieht 1913-1928,'’ Leipzig, 1931; Wyokoff, 
R. W. G., “The Structure of Crystals,” 2d ed,, Reinhold Publishing Corpora¬ 
tion, New York, 1930. Supplement, 1934; Bernal, J. D., Ann . Repts . 
London Chem. Soc ., 1931, 1933; Trans. Faraday Soc., 25, 367-379 (1929); 
Westgren, A., and coworkers: Numerous papers; “International Critical 
Tables,” vol. II, Alloys, McGraw-Hill Book Company, Inc., New York; 
A relatively small number have been taken from recent periodical literature. 

* This classification is similar to a recent one by Grimm, Z, angew. Chem ., 
47, 53, 594 (1934). Grimm, however, arranged the elements away from 
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Perhaps the most interesting generalization to be found in 
Chart A is the relation between the so-called electron concentra¬ 
tion and the character of a binary system. The electron con¬ 
centration in a binary phase is the number of valence electrons 
per atom. In the alloy Cu 5 Zn 8 , for example, there are 21 valence 
electrons and 13 atoms, and the electron concentration is 1.6; in 
Snl 4 there are 32 valence electrons and 5 atoms, and the electron 
concentration is 6.4. That the nature of a binary phase is greatly 
influenced by this electron concentration is very evident. The 
metallic properties are associated with low electron concentra¬ 
tions; as the electron concentration increases, the binary phases 
become less metallic in nature until, with an electron concentra¬ 
tion of 4.0, the familiar ionic and covalent AX compounds 
appear. The molecular crystals, particularly those of compounds 
of two or more electronegative elements, are characterized by 
high electron concentrations. The influence of electron con¬ 
centration upon the nature of binary phases is shown in detail 
in Table 64. 

The transition from metallic, to atomic, to molecular crystals 
of the elements, as it may be observed along the diagonal away 
from the origin in Chart A, is entirely consistent with the relation 
between electron density and bond type brought out in Table 64. 
Thus the electron density of diamond (also gray Sn, Si, Ge) is 
four; that of arsenic (also Sb, Bi) is five; of selenium (also Te) six; 
and of iodine, the last stage in the transition from an atomic to a 
molecular structure, seven. 

In the study of the structures of elements, alloys, and binary 
compounds, four different kinds of bonds have been discussed 
at considerable length; and it has been observed, in a general way, 
how they affect the properties of compounds in which they exist. 
These bonds are: ionic, covalent, metallic and molecular (van der 
Waals’ forces). It has been implied that rarely does a compound 
occur in which only one normal bond type exists. Some of the 
alkali halides approach the pure ionic bond; diamond is an 
example of a crystal in which the building stones are held together 
by bonds predominantly covalent; and copper and some of the 

the origin in the order of increasing atomic numbers, and the result is some¬ 
what confusing because the chart does not break up into compact areas 
enclosing a number of systems of similar properties, 



THE STRUCTURES OF BINARY COMPOUNDS 


207 


Table 63.— Relation of Crystal Structure and Prevalent Bond Type 
of Binary Crystals to the Relative Numbers, the Valences, 
and the Electronic Structures of Atoms 


Va- 

For- lences 

mula - 

A X 

~AX TT 


AX* 2 1 


AJM 3 2 


Electronic 

structure Crystal types Bond types 

of A 

2, 8, 18 -+■ 2 CsCl, NaCl Ionic 

18 ZnS, ZnO, NaCl Ionic-covalent 

2, 8, 18 4- 2 NaCl, ZnS, ZnO Ionic; covalent-ionic 

18 NaCl, ZnS, ZnO Covalent-ionic; covalent 

Transition NiAs Covalent-metallic 

2 BN Covalent-metallic 

8, 18 NaCl, ZnS, ZnO Essentially covalent 

NaCl, ZnS, ZnO Essentially covalent 

CO Covalent (intramol.) 

Van der Waals (inter- 
mol.) 

8, 18(X = F") CaF 2 , Sn0 2 Ionic 

transition 
(X - F~) 

8, 18, transi- CdCla, Cdla Covalent-ionic; covalent 
tion (layers) Van der Waals (between 

layers) 

8, 18, (oxides) CaF 2| SnOa Ionic 

transition 
(oxides) 

8,18 Cdla Covalent-ionic; covalent 

Van der Waals (between 
layers) 

Transition MoSa Covalent (in layers) 

Van der Waals (between 
layers) 

2 CO 2 Covalent (intramol.) 

Van der Waals (inter- 
mol.) 

Transition FeS 2 , FeAs a Covalent-metallic 

(Sa, molecular 
groups) 

8, 18, transi- AlaOs, C struc- Ionic; covalent-ionic 

tion ture, A structure (oxides) 

As 4 0« Covalent (intramol.) 

Van der Waals (inter- 
mol.) 
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Table 63.—Relation of Crystal Structure and Prevalent Bond Type 
of Binary Crystals to the Relative Numbers, the Valences, and the 
Electronic Structures of Atoms. —( Continued ) 


For¬ 

mula 

i 

I Va¬ 
lences 

Electronic 
structure of A 

Crystal types 

Bond types 

A 

X 

AX t 

■ 

3 

1 


CeFj 

Bila (layer) 

NaN 3 , KN 3 

NHa 

Ionic 

Covalent-ionic; molecu¬ 
lar 

N* ion 

Covalent (intramol.) 

Van der Waals (inter- 
mol.) 

AXt 

4 

1 


Snl 4 

Covalent (intramol.) 

Van der Waals (inter- 
mol.) 


Table 64.— Electron Concentration and the Characteristics of 

Binary Phases 


Electron 
Concentration 
Less than 1 .5 

1.6 

1.6 

1.75 

2.5* 

3.0* 

4.0 

4.8 

5.3 

6.0 

6.4 

Up to 7.0 


Description of Binary Phase 
Alloy. Typical metallic properties 

Alloy. 0 phases. Secondary solid solutions. Metallic 
properties 

Alloy. 7 phases. Some properties suggestive of covalent 
bond 

Alloy. € phases. Metallic and covalent properties 

S NiAs, FeS 2 structures. Some metallic characteristics. 

An intermediate type 

AX compounds. Ionic or covalent or intermediate 
A iXs compounds. Ionic oxides 

AX 2 compounds. Ionic or covalent. Layer lattices, with 
molecular bonds between layers 
AXz compounds. Ionic or covalent forces. Usually layer 
lattices, with molecular forces between layers 
AX 4 compounds. Molecular lattices and weak inter- 
molecular forces 

Compounds of two electronegative elements. Molecular 
lattices. Covalent intramolecular bonds; van der 
Waals intermolecular bonds 


* If the valence of the transition element is assumed to be sero, an assumption now 
generally made but which may not be justified. 
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other metals may be assumed to be characterized by the metallic 
bond in its purest form. But there are innumerable compounds 


Covalent 

(diamond) 



van der Waak (copper) 

Fig. 34.—Classification of crystal structures according to type of binding force. 
Intermediate bond types. 


Covalent 

(diamond) 



(NaCl) (copper) 

Fiq. 35. —Classification of crystal structures according to type of binding force. 
Chain and layer structures. 

in which the bond types are mixed. These may be intermediate 
bond types in the sense in which they usually occur in crystals 
with the ZnS structure; the bonds are equi-valent in all directions, 
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but a bond is intermediate in the sense that it is the average 
of an ionic component and a covalent component. In the 
layer lattices and in molecular crystals like Snl 4 , the bond types 
may be said to be mixed, but they are not superimposed; the 
intramolecular Sn-I bonds are essentially covalent, while the 
bonds between molecules are weak van der Waals’ forces. Such 
compounds cannot be classified by one of the pure bond types; 
their properties are not characteristic of the ionic, covalent, or 
metallic bond, but of combinations of these. 

Some of the more important crystal structures which have 
been described may be graphically classified, according to the 
type of bonds holding their building units together, as in Figs. 

34 and 35. The four principal bond types are typified by NaCl 
(ionic), diamond (covalent), copper (metallic), and argon 
(molecular forces). On the framework in Fig. 34 may be placed 
the structures with average bond types (as in ZnS, etc.). Figure 

35 shows the relationship of structures with two or more coexist¬ 
ent bond types (as in Snl 4 , etc.); the intermediate types are 
not representative of a gradual transition of bond type within the 
crystal but are those in which one type of bond, predominating in 
two crystallographic directions, coexists with a second bond type 
predominating in the third direction. They are the layer and 
chain lattices. One may observe at a glance the nature of the 
bonds in any compound which appears on the chart. Thus, the 
position of Agl indicates that the bonds are covalent-ionic; while 
that of intermetallic compounds is indicative of the metallic- 
homopolar properties characteristic of these phases. The NiAs 
structure has metallic properties; and the residue of the attractive 
forces within this crystal type probably tends toward the 
covalent. 

Structures of elements and of certain complex compounds 
have been included in these charts as a matter of interest. 

There appears to be no logical place on either of these charts 
for the simple, molecular lattice, like C0 2 or Snl 4 , in which 
covalent and van der Waals’ forces extend between different 
structural units, but both types are common to all three 
directions. 

The transition van der Waals —> covalent, in Fig. 34, has 
recently been discussed in a most interesting manner by Glockler 
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and others. The question has arisen as to whether the associa¬ 
tion of Kr and HC1 should be considered as chemical combina¬ 
tion, and the substance Kr-HCl accepted as a true molecule. 
Commenting upon this, and in answer to a criticism of Hilde¬ 
brand and Wood, 1 Glockler 2 points out that a molecule is “any 
configuration of two or more atoms, simple molecules or radicals 
which show a potential minimum.” This includes coordination 
compounds 3 and simple compounds of polar and nonpolar types. 
Glockler suggests that the classification of forces between atoms 
as covalent, van der Waals, and others is arbitrary and artificial. 
He visualizes a continuous series of compounds; at one end He-He 
(van der Waals’ forces only), at the other extreme H 2 (pure 
covalent forces) (but see page 168). In the middle, one cannot 
tell whether covalent or van der Waals’ forces predominate. 
It is not justifiable to rule, therefore, that at a certain position in 
the series molecules cease to exist; rather, the weakly bound 
complexes should be included as molecules. Although the 
magnitudes of van der Waals’ energy and bond energy are 
usually of different orders, the quantum mechanical treatment 
does not necessarily recognize any sharp difference in the nature 
of these two types of attractive force. Both the physical type of 
cohesion and the chemical type are essentially electrostatic in 
origin. Indeed, it may be entirely possible for the van der 
Waals’ attraction to be of the same order of magnitude as bond 
energies in the case of very large molecules. 4 This view, of 
course, bears directly upon the long disputed question as to 
where, from the standpoint of combining forces, adsorption 
ceases and compound formation begins. Glockler rules that 
such associations as Kr-HCl, Ar-KCl, and oxygen adsorbed on 
tungsten should be considered as molecules. Along the line 
“covalent-molecular,” then, in Fig. 34 may be placed many 
adsorption complexes. Others, such as those resulting from 

1 Hildebrand, J. H., and S. E. Wood, J. Chem. Physics , 2, 822 (1934). 

s Glockler, G., J. Chem. Physics , 2, 823 (1934). 

3 Hunter, R. F., and R. Samuel, J. SoC. Chem. Ind. } Chemistry & Industry , 
pp. 31, 467 (1935), have discussed the case of covalent and van der Waals' 
forces in coordination compounds, claiming that in many, such as 
AlClrxNHs, KF-HF, and others, van der Waals’ forces prevail. 

4 Dushman, S., and F. Seitz, J- Phys. Chem. } 41, 246 (1937). 
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preferential adsorption on the faces of ionic crystals , 1 probably 
belong along the “ionic-molecular” line. 

The crystalline structure of a solid—the arrangement of, 
and the distance between, its building stones, and the kinds of 
forces holding them together—affects profoundly its properties. 
In the next chapter the properties of binary compounds will be 
considered in the light of the structures which have been 
described. 

1 See, for example, Iyolthoff, I. M., J. Phys. Chem., 40, 1027 (1936); 
Saylor, C. H., J. Phys. Chem., 32, 1441 (1928). 



CHAPTER VI 


THE PROPERTIES OF BINARY COMPOUNDS 

As we study the influence of the structure of a solid upon its 
properties, it is well to have a clear understanding of the general 
picture of a crystalline solid. We shall approach the subject 
from the standpoint of crystals in which the bond is predomi¬ 
nantly ionic, since the more familiar inorganic binary compounds 
fall in this group. 

In an ionic crystal, the forces which determine its strength or 
stability are largely electrostatic; the interionic distances and 
the crystal radii of the ions are determined by an equilibrium 
between this coulomb force, the attractive force of oppositely 
charged particles, a small van der Waals’ attractive force, and 
the repulsive interaction between electrons resulting from the 
overlapping of electron clouds as two nuclei approach each other. 
The relative magnitude of the ionic forces may be predicted in a 
general way from properties of the ions—their size, valence, and 
electronic structure. The magnitudes of the ionic forces deter¬ 
mine the strength and stability of the crystal. It follows that 
any properties, physical or chemical, which have any relation 
to the building up or tearing down of the crystal must be depend¬ 
ent upon the strength and, in turn, upon the size, valence, and 
structure of the ions of which the crystal is composed. Such 
properties are: 

Lattice energy 
Heat of formation 
Heat of sublimation 
Heat of combustion 
Heat of hydration 
Hydrolysis, acidity, basicity 

As the nature of the bond departs from the pure ionic and 
the bond is more or less homopolar, certain characteristic prop¬ 
erties suggest, in a very general way, a loosening of the electrons 
of the bond holding the ions together. We shall find that this 
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Compressibility 

Hardness 

Ionization 

Melting point, boiling point 
Solubility 
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partial change in bond type is related to such properties as ionic 
diffusion, color, photochemical sensitivity, and photoelectric 
conductivity. Many of the properties which measure the 
strength of crystals are also affected. 

In the following pages, an attempt will be made to correlate 
with the size of the ions or atoms and the nature of the bonding 
force 1 some of the important properties of crystals predominantly 
ionic; and to show that it is possible, in general, to predict the 
properties of any binary compound from these known properties 
of its building stones. Some of the very fundamental relations 
between ionic structure and properties will be considered rather 
superficially, since their detailed treatment is somewhat involved. 
It must be remembered that the main purpose is to demonstrate 
the general usefulness of the principles of crystal chemistry, and 
to this end the relation between ionic structure and the so-called 
“macroscopic” properties of compounds (melting point, boiling 
point, solubility, hardness, hydrolysis, acidity, color, photo¬ 
chemical sensitivity, etc.), which are familiar to the average 
student of inorganic chemistry, will be emphasized. 

Lattice Energy.—The lattice energy of an ionic crystal is the 
energy change when a number of positive and negative ions, 
separated by an infinite distance, are brought together in a 
crystal lattice, separated by the finite distance r, the interionic 
distance in the crystal. The attractive force of two oppositely 
charged ions with valences Z\ and Z 2 and at a distance r from 
each other is ZiZ^/r, where e is the unit of electrical charge 
(4.770 e.s.u.). But in a crystal lattice, we must consider more 
than two ions. In the NaCl structure, for example, each sodium 
ion is coordinated to 6 chloride ions in the first sphere and 12 
sodium ions in the next sphere, 8 chloride ions in the third, and so 
on. These interact upon each other in such a way that the 
potential 


<t> = 



12 8 

V2 vi 



in which the summation is endless. This summation does not 


1 Again, properties inconsistent with the normal ionic bond may be viewed 
as the result of the influence of polarization or of a growing covalent bonding 
force. In general, the latter interpretation is to be preferred. 
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depend upon the distance between ions in the crystal, but only 
upon the geometric arrangement of these ions. It may be 
represented by a constant A, known as the Madelung constant, 1 
the value of which depends upon the crystal lattice, as shown in 
Table 65. The attractive potential, then, of ions in a crystal 
lattice may be written 

$ = -a 2 e 2 n- 
r 


where a is the largest common factor of the valences of the ions, 
and m is the number of molecules in the unit cell. 

But there is also a repulsive force between neighboring ions of 
opposite charge, the influence of which is to be considered in 
determining the lattice energy. This repulsive force is similar 
to that operating between atoms in a noble gas which give rise 
to the b term in van der Waals’ equation. 

In a crystal in equilibrium, the attractive and repulsive forces 
must be balanced, and this balance is related to the distance r 
between the ions. The repulsive forces may be assumed to 
decrease as the distance r increases. Taking this force into 
consideration, the following expression may be derived 2 for the 
lattice energy of a crystal: 


a 2 c 2 N A 
~ Ro 



(i) 


where Rq is the characteristic equilibrium distance, N is the 
Avogadro number, and n is a constant determined from the com¬ 
pressibility of the crystal. Values for n have been obtained for 
the alkali halides by several investigators, as shown in Table 66. 
It is evident that n depends upon the size of the ions. 

Recently a new expression for lattice energy has been derived 3 
in which the nth power repulsive term is replaced by an exponen¬ 
tial term. A term also is added to include the van der Waals* 
attraction energy between the ions. 


1 Madelung, H., Z. Physik , 19, 524 (1918). 

* For a detailed treatment of this derivation, see Jack Sherman, Chem. 
Rev., 11, 98 (1932); A. E. van Arkel and J. H. de Boer, “Chemische 
Bindung,” Chap. Ill, S. Hirzel, Leipzig, 1931. 

* Born, M., and J. E. Mayer, Z. Physik , 75, 1 (1932). 



216 


CRYSTAL CHEMISTRY 


Consider how the lattice energy varies with the structure and 
arrangement of the ions in a crystal. 


Table 65.— Madelung Constants* 
Structure 

NaCl. 

CsCl. 

Sphalerite. 

Wurtzite. 

Fluorite. 

Rutile. 

Anatase. 

Cdl 2 . 

/3-Quartz. 

Corundum. 

* Sherman, Jack, Chem. Rev., 11, 93 (1928). 


Aa 0 

2.201785 

2.035356 

2.38309 

2.386 

7.33058 

7.70 

8.04 

6.21 

9.5915 

45.825 


Table 66.—Repulsive Exponents for Alkali Halides* 



i 

nt 

n § 

H 

LiF 

5.9 


6.0 

He 

5 

LiCl 

8.0 


7.0 

Ne 

7 

LiBr 

8.7 


7.5 

Ar, Cu + 

9 

NaCl 

9.1 

9.0 

8.0 

Kr, Ag + 

10 

NaBr 

9.5 

9.0 

8.5 

Xe, Au+ 

12 

Nal 


10.0 

9.5 

I 




* The table is reproduced from Jack Sherman, Chem. Rev., 11, 93 (1932). Pauling’s values 
have been averaged from the suitable values in the last column, thus Na + has the Ne con¬ 
figuration and Br" the Kr, hence n for NaBr is found to be (7 -f 10)/2 * 8.6, as given under 
Pauling. 

t Slater, J. C., Phys. Rev., 43, 488 (1924). 

% Lennard-Jones, J. E., Proc. Roy. Soc. (London), A106, 441, 463, 709 (1928). 

5 Paulino, Linus, J. Am. Chem. Soc., 49 , 765 (1927). 


Evidently the valence is the most significant term in the equa¬ 
tion for lattice energy; U increases with an increase in valence as 
a result of the increase of a 2 . In a rather indirect manner an 
increase in valence also increases A in some cases as shown in 
Table 65. Lattice energy also increases as the distance R 
between the ions decreases; it increases with decreasing cation 
and anion radii. Small ions can be closer together, and, as the 
distance between them decreases, the attractive force increases. 
That the effect of the valence upon lattice energy is much greater 
than that of interionic distance is shown by the following com- 
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Tablb 67.—Data for the Born-Haber Cycle for Typical Binary 

Compounds* 


Crystal. 

ao 

n 

Uo 

i. 

u 

Q 

I 

S 

D 

E 

LiF 

4.02 

6.0 

238.9 

240.1 

144.7 

123.8 

38.3 

32.2 

98.9 

NaF 

4.619 

7.0 

213.8 

215.0 

136.6 

118.0 

26.0 

32 2 

97 8 

KF 

6.33 

8.0 

189.2 

190.4 

134.5 

99.6 

21.7 

32.2 

97.6 

RbF 

6.63 

8.5 

180.6 

181.8 

132.8 

95.9 

19.9 

32.2 

99.0 

CsF 

6.008 

9.5 

171.6 

172.8 

131.5 

89.4 

19.1 

32.2 

99.4 

LiCl 

6.143 

7.0 

192.1 

193.3 

97.5 

123.8 

38.3 

28.9 

96.2 

NaCl 

6.628 

8.0 

179.2 

180.4 

98.2 

118.0 

26.0 

28.9 

90.7 

KC1 

6.277 

9.0 

163.2 

164.4 

104.9 

99.6 

21.7 

28.9 

90.7 

RbCl 

6.54 

9.5 

157.7 

158.9 

104.9 

95.9 

19.9 

28 9 

90.7 

CbCI 

4.11 

10.5 

147.7 

148.9 

106.6 

89.4 

19.1 

28.9 

96.1 

LiBr 

5.49 

7.5 

181.9 

i 183.1 

83.7 

123.8 

38.3 

26 9 

89.6 

NaBr 

5.962 

8.5 

170.5 

171.7 

86.3 

118.0 

26.0 

26 9 

85 6 

KBr 

6.586 

9.5 

156.6 

157.8 

94.2 

99.6 

21.7 

26.9 

84.6 

RbBr 

6.854 

10.0 

151.3 

152.5 

96.1 

95.9 

19.9 

26.9 

86.3 

CsBr 

4.28 

11.0 

142.3 

143.5 

97.5 

89.4 

19. 1 

26 9 

89.4 

Lil 

6.00 

8.5 

169.5 

170.7 

65.0 

123.8 

38.3 

25.4 

81 .8 

Nal 

6.462 

9.5 

159.6 

160.8 

69.5 

118.0 

26.0 

25.4 

78.1 

KI 

7.05 

10.5 

147.8 

149.0 

78.9 

99.6 

21.7 

25.4 

76.6 

Rbl 

7.32 

11.0 

143.0 

144 2 

80 8 

95 9 

19.9 

25.4 

77.8 

Csl 

4.56 

12.0 

134.9 

136.1 

83.9 

89.4 

19.1 

25.4 

81.7 

MgO 

4.208 

7.0 

938.9 

940 1 

146 

520.6 

36 5 

69.2 

-178 

CaO 

4.802 

8.0 

840.9 

842 1 

151 7 

412.9 

47.6 

/ 9.2 

- 171 

8rO 

5.15 

8.5 

789.7 

790.9 

141 

383.8 

39.7 

59.2 

-167 

BaO 

5.53 

9.5 

745.8 

747.0 

133 

349.0 

49.1 

69.2 

-167 

MgS 

5.19 

8.0 

777.1 

778.3 

82.2 

520.6 

36.5 

66.6 

- 72.4 

CaS 

5 68 

9.0 

720.6 

721 .8 

114 

412.9 

47.5 

66.6 

- 80.8 

SrS 

6.01 

9.5 

686.2 

687.4 

113 

383.8 

39.7 

66.6 

- 84.3 

BaS 

6.37 

10.5 

654.7 

665.9 

111 

349.0 

49.1 

66.6 

- 80.2 

CaSe 

5.912 

9.5 

697.6 

698.8 

88.4 

412.9 

47.5 

55 

- 96 

SrSe 

6.23 

10.0 

665.9 

667.1 

90 1 

383.8 

39.7 

55 

- 99 

BaSe 

6.59 

11.0 

635.9 

647.1 

88.2 

349.0 

49.1 

55 

- 96 




Uo 

Q 

I 

S 

E-D 

v 

U theor 

At/ 






AgF 

8 5 

206.7 

48.7 

173.6 

67 

66 3 

223.0 

207.9 

15.1 

MgF 2 

7.0 

695.0 

264.3 

520 6 

36 

132 6 

688.8 

696.8 ! 

- 8.0 

CaFs 

8.0 

615 9 

289 4 

412.9 

47 

132 6 

617.2 

617 7 

- 0.5 

SrFj 

8.5 

585.7 

289.3 

383 8 

39 

132.6 

580.2 

587 5 

- 7.3 

BaF 2 

9.5 

554 6 

281 .6 

349.0 

49 

132.6 

547.1 

556.4 

- 9.3 

MnFj 

8.0 

654.5 

170.9 

532.5 

74 

132.6 

645.0 

666.3 

-11.3 

FeFj 

8.0 

655.9 

1 154.2 

560 9 

94 

132.6 

676.3 

657.7 

18.6 

CuFj 

8.0 

691.8 

160.7 

578.9 

82 

132.6 

692.9 

689.6 

- 4.7 

NiF, 

8.0 

695.3 

187.8 

593.3 

85 

132.6 

733.5 1 

697.1 

36.4 

OdFj 

8.5 

626.9 

172.5 

594.6 

27 

132 6 

661.9 

628.7 

33 0 

PbF* 

9.5 

578.9 

159.4 

515.5 

47 

132.6 

589.7 

580.7 

9.0 

CuCl 

9.0 

204.9 

32.5 

177.3 

82 

63.6 

228.1 

206.1 

22.0 

AgCl 

TIC1 

9.5 

186.1 

30.3 

173.6 

67 

63.6 

207.3 

187.3 

20.0 

10 5 

158.1 

48.7 

140.2 

46 

63.6 

170.9 

159.3 

11.6 

SrCh 

9.5 

491.8 

197.7 

383.8 

40 

127.2 

494.0 

493 6 

0.4 

CuBr 

9.5 

196.5 

24.6 

177.3 

82 

60.2 

223.6 

197.7 

25.9 

tIS? 

10.0 

180.1 

23.9 

173 6 

67 

60 2 

204.3 

181.3 

23 0 

11.0 

153.7 

41.0 

140.2 

46 

60 2 

166.6 

154 9 

11 7 

Cul 

10.5 

186.5 

15.8 

177 3 

82 

53 8 

221.2 

187.7 

33 5 

Agl 

11.0 

174.7 

15.1 

173.6 

67 

53.8 

201 9 

175.9 

26 0 

Til 

12.0 

147.2 

30.1 

140.2 

46 

53.8 

162.1 

148.4 

13.7 

Cdl, 

11.0 

475.2 

48.9 

594.6 

27 

107.6 

563 1 

477 0 

86.1 

Pbl 2 

12.0 

459.1 

41 .8 

515 5 

47 

107.6 

497.1 

460.9 

36.2 


* Shbrman, Jack, Chtm. R*v„ 11, 93 (1932). 
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parative values. Thus, for a maximum difference in interionic 
distances, we have 



A-A, A 

U y kg. cal. 

LiF 

2.008 

240.1 

Csl 

3.95 

136.1 


but for a change in valence, with little change in A-X distance 



A-A, A 

Uy kg. cal. 

Corrected energy 
fori two ions 

LiF 

2.008 

240.1 

240.1 

MgF 2 

1.99 

695.0 

463.4 

MgO 

2.10 

940.1 

940.1 


Values for the lattice energies (and other thermal properties) 
of typical binary compounds are given in Table 67. An inspec¬ 
tion of these values shows that: 

1. The theoretical lattice energy is slightly higher for compounds with 
B cations than for compounds with A cations of the same size and valence. 

2. A difference in the interionic distance does not cause so great a differ¬ 
ence in the lattice energies of compounds with B cations as in the lattice 
energies of compounds with A cations. Thus 

Us*ci — Cstki — 19. G 
Uazci — £a*i = 11.4 


3. A comparison of U exv and r theor suggests the nature of the bonding 
forces. • 

This relation between A and B cations may be attributed to 
the fact that, partly because of the influence of the covalent 
bond, the B cations have low compressibilities (see Table 70) 
and therefore higher values for n (see Table 67). For Na + 
(radius = 1.00 A) n = 7, while for Ag+ (radius = 1.00 A), 
n -= 10. From Equation (1) it may be seen that an increase in 

n causes a slight increase in U, and that since the term 1 — - 

becomes nearer unity, an increase in n also reduces the effect of 
a change in the other terms of the equation upon the value of U. 
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The influence of crystal structure upon the Madelung constant 
and thus upon lattice energy is evident from Table 65. 

Heats of Formation.— When two elements unite to form a 
compound, a definite amount of heat is evolved, known as the 
chemical heat of formation. This is a fair measure of the 
stability of a compound 1 because, to decompose it into its 
uncharged elements, the same amount of heat must be added. 
In building a compound from its elements there are several 
energy changes, the magnitudes of which may be given in heat 
units. These changes are represented by the Born-Haber cycle. 

U 

[MX] -> (M+) + (X-) 

T —0 i ~ Im + Ex 

— Sm 

[M] + \X t <-- (M) + (X) 

-D x 

where S M = heat of sublimation of the metal, D Xi = heat of 
dissociation of the nonmetal, Im = ionization potential of the 
metal, E x = electron affinity of the nonmetal, U = lattice energy 
of the crystal, and Q = heat of formation. In accordance with 
the law of the conservation of energy, the total energy change 
must be zero, i.e. f 

— Q = S + D + I — E— U 

In Table 68 is shown the part played by each of these terms 
in determining the heats of formation or stabilities of typical 
binary compounds. A positive sign means that energy is 
absorbed in the process; a negative that energy is evolved. 

These compounds have been chosen to show the trend of the 
terms involved, with the ionic properties; size, valence, and 
electronic structure. A comparison of NaCl and KC1 suggests 
variations in the terms with the size of the cation, whereas a 

1 More precisely, the free energy of formation measures the stability, but 
the heat of formation is adequate in most cases and is a more convenient 
quantity to use: 

F = Q - TS, 

where F * free energy, Q * heat of formation, and TS ■» an entropy term* 
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comparison of KC1 and KI shows the effect of a change in the size 
of the anion. A comparison of NaCl and BaO indicates the 
influence of valence and a comparison of NaCl and AgCl shows 
the effect of the electronic structure of the ion. Of course, to 
establish a definite trend, a longer list of compounds must be 


Table 68.—The Born-Haber Cycle for Typical Ionic Compounds* 



S 

D 

I 

E 

U 

Q 

A-X, A 

RAy A 

Rxy A 

NaCl 

26 

29 

118 

- 91 

-180 

- 98 

2.81 

1.00 

1.81 

KC1 

22 

29 

100 

- 91 

-164 

-105 

3.14 

1.33 

1.81 

KI 

22 

25 

100 

- 79 

-148 

- 79 

3.53 

1.33 

2.20 

AgCl 

67 

29 

174 

- 91 

-207 

- 30 

2.77 

1.13 

1.81 

BaO 

49 

59 

349 

-171 

-747 

-133 

2.77 

1.31 

1.40 


* Values for S, D, I, E , U, and Q are in kilogram calories. 


examined. Table 67 shows such a list, from which it may be 
observed that there are very definite relations between the nature 
of the ions in a compound and the magnitude of the thermo¬ 
chemical properties tabulated. 

The heat of sublimation S and the heat of dissociation D are 
not, of course, properties of the ions. The former is concerned 
with the metallic state and varies directly with the melting 
point of a metal, as may be seen from the data in Table 69. 
These terms are relatively small and show little variation. 

Evidently ionization potential I and electron affinity E are 
very important in their influence upon the stability of a crystal. 
For ions of equal valences, the more easily a metal atom gives 
up its valence electrons, and the greater the attraction of a 
negative atom for electrons, the greater will be the heat of forma¬ 
tion and stability of the compound. 

The ionization potential of a metal decreases as the size of 
the cation increases; K+ has a lower ionization potential than 
Na+. A comparison of the data for NaCl and BaO shows that I 
increases with the valence of the ion. I is evidently greater for 
B cations than for A cations, as may be seen by comparing NaCl 
and AgCl. 

The electron affinity E of the negative element usually cannot 
be determined directly. It is calculated from the Born cycle 
when the other terms are known. For the halogens, E decreases 
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as their size increases, i.e. f the smaller halogen tends to form 
the most stable crystalline halide, other things being equal. 
The electron affinities of the divalent 0“, S“, and Se“ are opposite 
in sign to those of the halogens, because heat is absorbed in 
attaching a second electron to a particle already made negative 
by the addition of the first electron. 


Table 69.—Thermal Data for Metals* 


Metal 

Melting 
point °K. 

Heat of 
fusion 

Heat of 
vapor¬ 
ization 

Heat of sublimation 

at 25°C. 

at 0°K. 

Aluminum. 

932 

2.35 

52 

55 

55 

Antimony. 

903 

4.5 

43 

49 


Arsenic. 

1090 

5.6 

23.2 

30.4 


Barium. 

931 

1.40 

46 

49.1 


Cadmium. 

595 

1.50 

25.2 

27.2 

27.2 

Calcium.j 

1083 

3.14 

42.6 

47.5 

47.4 

Copper. 

1356 

2.70 

77.0 

81.9 

81.6 

Gold. 

1336 

3.15 

85.0 

91 

91 

Lead. 

600 

1.20 

46 

47.4 

47.6 

Magnesium. 

923 

1.70 

33.6 

36.5 

36.3 

Mercury. 

234.4 

0.55 

14.7 1 

15.2 

15.4 

Molybdenum. 

2895 

8.38 

140 

155 

155 

Nickel. 

1725 

4.25 

77 

85 


Palladium. 

1822 

3.65 

110 

118 


Platinum. 

2046 

6.26 

116 

125 

125 

Potassium. 

336 

0.57 

21 

21.6 

21.8 

Rubidium. 

311 

0.55 

19.3 

19.9 


Silicon. 

1688 

3.71 

79 

85 

84 

Sodium. 

371 

0.63 

25.2 

26 

26 

Silver. 

1234 

2.60 

63 

67 

67 

Tin. 

505 

1.66 

75 

78 

78 

Tungsten. 

3655 

11.2 

186 

210 

210 

Zinc. 

692 

1.74 

29.1 

31.6 

31.5 


* Sherman, Jack, Chem . Rev ., 11, 136 (1932). 


The heat of formation, like the lattice energy, increases as 
valence increases and as the radius of the anion decreases. 
With the decrease in the cation radius, however, the heat of 
formation decreases, and lattice energy increases. There are three 
conflicting forces in operation here, as may be seen from the data 
for the alkali halides in Table 67. With increasing size of the 
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cation, the ionization potential decreases, tending to increase 
stability; with increasing size of the anion, the electron affinity 
decreases, tending to reduce stability; and the resulting increase 
in interionic distance makes for a smaller lattice energy. 

Consider again the equation for the Born cycle 

Q=-I+U + E- D- S 

and substitute for 7, ( e 2 /rM)N f which says, simply, that the 
ionization potential is a function of the radius of the metal, 
r*. For U , substitute e 2 N/(r A + r x ) y since with the valences 
constant the lattice energy of a given crystal structure depends 
almost entirely upon the interionic distance. Then we have 

Q = )n + E - Z> - 8 

\ r M r A + r x / 

It is evident that if the halide is varied, as in the series NaF, 
NaCl, NaBr, Nal, in going from F~ to I~, E is decreased and r x 
is increased. This means that Q will be decreased. But if 
the size of the cation is increased, as in the series LiCl, NaCl, 
KC1, RbCl, then r M increases and r A increases only slightly faster 
and the term e 2 /(r A + r x ) — e 2 /r M will increase. The heat of 
sublimation will also vary, but to a much smaller extent. There¬ 
fore, an increase in the size of the cation causes an increase 
in the stability (heat of formation) of the compound, but a 
decrease in the lattice energy, e 2 /(r A + r x ). 

This influence is evident in the data for U and Q in Table 67. 
It is also true that the hydrogen halides are less stable than 
the corresponding alkali halides, owing, again, to the small cations 
in the former. This relationship holds for a complex ion such 
as the trinitride. The acid is explosive; the alkaline earth salts 
are fairly stable [Ba(N 3 )2 decomposes 120°C., Sr(N 3 )2 at 110°C., 
Ca(N 3 )2 at 110°C]. The alkali salts are still more stable, except 
LiN*, which is explosive. On the other hand, the trinitrides of 
the B cations are explosive. The difference in stability of the 
alkali and heavy metal azides may also be interpreted by means 
of Pauling's adjacent charge rule. 1 This rule prevents resonance 
to a structure where adjacent atoms have the same charge. In 
covalent (heavy metal) azides such a condition is possible and 

1 Pauling, Linus, and L. O. Brocxwat, 7. Am , Chem . Soc. y 59 , 13 (1937). 
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resonance is restricted to two structures; while the ionic (alkali) 
abides can resonate between three structures and are therefore 
more stable. 

The same stabilizing influence of the larger central atom may 
be observed in many other instances where the bonds are not 
particularly ionic. Consider, for example, the fourth group 
halides: Least stable is Cl 4 which decomposes slowly at room 
temperature; CF 4 is the most stable of the carbon tetrahalides. 
The silicon tetrahalides are more stable. SiCl 4 is stable up 
to 1100 °C., TiCl 4 , ZrCl 4 , and HfCl 4 decompose very little at 
2000 °C. The iodides are much less stable, so that one may 
prepare the metals directly from these compounds . 1 Mutual 
repulsion of the surrounding atoms increases as their sizes 
increase and probably accounts for the decreasing stability. 

The heats of formation, contrary to the lattice energies, are 
less for compounds with B cations than for those with A cations 
of the same size and valence. The data of Table 67 suggest that 
this is due primarily to the large ionization potential of an 
18-electron shell cation. 

To summarize, a crystal may be more easily broken down into 
ions ( i.e. y has a lower lattice energy): ( 1 ) the larger the anion, 
( 2 ) the larger the cation, (3) the lower the valence. A com¬ 
pound of an A cation will ionize more readily than one of a B cation, 
other things being equal. A crystal has a stronger tendency to 
decompose into atoms ( i.e ., has a lower heat of formation, is 
less stable): (1) the larger the anion, (2) the smaller the cation, (3) 
the lower the valence. A compound of a B cation is less stable 
than one of an A cation. 

Compressibility. —The resistance of a crystal to compression 
should be determined primarily by the compactness of its building 
stones. The data presented in Table 70 tend to confirm this 
viewpoint. For the alkali halides with the NaCl structure, the 
compressibility increases, as one would expect, as the building 
stones become farther apart. For the cesium and thallous 
halides with the CsCl structure, the compressibilities are lower 
than for halides with the NaCl structure. This is consistent 
with the transition of the rubidium halides from the NaCl 

1 The stability of the molecule , discussed here, is not to be confused with 
the stability of the crystals of these compounds, discussed later. 
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structure to the CsCl structure caused by high pressure and 
involving a contraction of 10 to 14 per cent in volume. 1 That is, 
the ions in CsCl are already in a more compact arrangement than 
in the NaCl structure and are not condensed further by an 


Table 70.— Compressibility of Solids* 



F 

Cl 

Br 

I 

O 

S 

Li 

1.53 

3.50 

4.30 

7.20 



Na 


4.18 

5.09 

7.1 



K 

3.30 

5.65 

6.68 

8.56 



Rb 


7.40 

7.97 

9.54 



Cs 


5.90 

7.0 

9.3 



T1 


4.9 

5.3 

6.9 



Ag 


2.40 

2.74 

4.11 



Ca 

1.23 

4.36 

4.85 




Sr 


3.32 

4.11 




Ba 


2.77 

3.66 




Cd 


5.95 





Zn 





0.78 

1.30 

Pb 




1 


1.91 

S 11 O 2 

0.49 


FeS 2 

0.70 



Ti0 2 

0.59 


FeAsS 

0.99 



* From "International Critical Tables,” McGraw-Hill Book Company, Inc. f New York. 


external pressure as much as the ions in the NaCl structure. The 
compressibilities of AgCl and AgBr are lower than those of NaCl 
and NaBr because, although the interionic distances are com¬ 
parable, the ions have already been drawn abnormally close 
together in the silver salts as a result of strong polarization 
and the influence of a covalent bond. In Agl the structure has 
changed from one of C.N. 6 to the ZnS structure with C.N. 4 
(a less compact structure), and a higher compression is possible. 

The compressibilities of the alkaline earth halides do not 
appear consistent, except that they are lower than the alkali 

1 Bridgman, P. W., Z. Krist 67, 363 (1928); Pavwng, Linus, Z . Krist. 
69 , 35 (1928). 
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halides, a trend to be expected because of their higher valence. 
Whereas silver halides cannot be compressed so much as the 
sodium halides and Sn0 2 (B cation) has a lower compressibility 
than Ti0 2 (A cation), CdCl 2 with a B cation has a higher com¬ 
pressibility than CaCl 2 with an A cation. This is worth noting 
because CdCl 2 crystallizes in a layer lattice, a structure weak 
in one direction. 

From the rather meager data available three observations 
may be made: 

1. Other things being equal, the farther apart the building stones in a 
crystal, the more they can be compressed. 

2. The more close packed the ions (the higher the coordination number), 
the less can they be further compressed: as illustrated by a comparison of 
halides with the CsCl structure (C.N. 8) with those of the NaCl structure 
(C.N. 6), by a comparison of AgCl and AgBr (C.N. 6) with Agl (C.N. 4), 
and by a comparison of the compressibility of the fluorite structure with that 
of the CdCl 2 layer lattice. 

3. Other things being equal, the more the ions have drawn each other 
abnormally close together (through covalent bond influence or higher 
valence), the less can they be further compressed. 

In short, compressibility is greatly influenced by the arrange¬ 
ment, the close packing, of the ions. It is influenced by the size 
of the ions and the nature of the bonds between them indirectly 
as these factors influence the crystal structure. 

Hardness. Melting Points. —Although resistance to compres¬ 
sion is determined chiefly by the compactness of the building 
stones of a crystal, hardness or resistance to deformation is 
influenced by the distance between building stones and also by 
the forces between them which prevent adjacent atomic planes 
from slipping. The breakdown of a crystal by heat (melting), 
on the other hand, is directly opposed only by the interionic 
forces. Other factors may affect the melting point indirectly, in 
so far as they determine the strength of the forces between 
ions. 

The data of Tables 71, 72, 73, and 74 have been arranged to 
illustrate the effect of ionic size, valence, the electronic structure 
of the ions, and crystal structure, respectively, upon the hardness 
and melting points of ionic and covalent-ionic crystals. 1 

1 All values for hardness are those of V. M. Goldschmidt, Skrifter Norske 
Videnskaps-Akad. Oslo. y no. 8 (1926); the melting point data are from the 
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Hardness and Melting Point vs. Interionic Distance .-—It is 
self-evident, from the data in Table 71, that the strength of a 
crystal, as measured by its hardness, decreases as the distance 
between the ions increases. This follows for ionic and covalent- 
ionic crystals, for series of different valences and for A cations or 
B cations. In general, the melting points vary in like manner. 



Soc 50, 1036 (1928).] 

The melting points of the alkali halides do not seem to vary 
consistently with the strength, as measured by hardness. They 
decrease regularly as the size of the anion increases, but not as 
the size of the cation increases. The experimental melting points 
have been plotted in Fig. 36a. Fajans 1 has accounted for thes6 
discrepancies on.the assumption that the ions are deformed to 
some extent. Pauling 2 has shown, however, that if corrections 
are madp for the radius ratio effect, the variations of the melting 
points are as in Fig. 366. Here the melting points increase as 
the corrected interionic distances decrease, entirely in accordance 

“International Critical Tables, “ McGraw-Hill Book Company, Inc., New 
York and N. A. Lange, “Chemical Handbook,” Handbook Publishing 
Company, Sandusky, Ohio, 1934. 

1 Fajans, Kasimir, Z. Krist., 81, 41 (1925); “Radioactive Elements and 
Isotopes,” p. 65, Cornell University Press, Ithaca, N. Y., 1932. 

a Paulino, Linus, J. Am. Chem. <Soc., 60, 1036 (1928). 
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Table 71.—Relation of Hardness and Melting Points to Intebionic 

Distances 

A. Univalent. A Cations. NaCl Structure. Ionic Bonds. (Hardness only. For 
melting points, see Fig. 36) 

LiF > NaF > KF 
1 / ^ 

LiCl > NaCl > KC1 > RbCl 

1/ 1/ i/i/ 

LiBr > NaBr > KBr > RbBr 
1 / 1 / 

Nal > KI 

Univalent B Cations. 



F 

Cl 

Br 

I 

I 

Cu 


2.44 

2.46 

2.62 

Interionic diet., A 


2.5 

2.4 

2.4 

Hardness, Mohs’ scale 



422 

504 

605 

Melting point, °C. 



ZnS 

ZnS 

ZnS 

Crystal structure 

Ag 

2.46 

2.77 

2.87 

2.81 

Interionic diet., A 




1.5 

Hardness, Mohs’ scale 


436 

455 

422 

d552 

Melting point, °C. 


NaCl 

NaCl 

NaCl 

ZnS 

Crystal structure 


B. Univalent-divalent. A Cations. B Cations. 



Mg 

| Ca 

Sr 

Ba 


| Zn 

Cd 

F 

1.99 

2.36 

2.50 

2.68 

Interionic diet., A 




4.5 

4.0 

3.5 

3.0 

Hardness, Mohs’ scale 




1396 

1330 

1190 

1280 

Melting point, °C. 

872 

520 

Cl 

712 

772 

873 

962 

Melting point, °C. 

365 

568 

Br 

700 

760 

643 

847 

Melting point, °C. 

394 

580 

I 

d 

575 

402 


Melting point, °C. 

446 

385 


C. Divalent. A Cations. NaCl Structure. 


B Cations. 



Mg 

Ca 

Sr 

Ba 


Zn 

Cd 

Hg 

O 

2.10 

6.5 

2800 

2 40 
4.5 
2570 

2.57 

3.5 

2430 

2.77 

3.3 

1933 

Interionic dist., A.. . . 
Hardness, Mohs’ scale 
Melting point, °C. . . . 

1.97 

5.0 

1800 



S 

2.59 

4.5 

d 

2.84 

4.0 

d 

3.00 

3.3 

3.18 

3.0 

Interionic dist., A. . . . 
Hardness, Mohs’ scale 
Melting point, °C. . . . 

2.35 

4.0 

1850 

2.52 

3.2 

1750 

2.53 

3.0 

subl. 446 

Se 

2.74 

3.5 

2.96 

3.2 

3.12 

2.9 

3.31 

2.7 

Interionic dist., A.. . . j 
Hardness, Mohs' scale 
Melting point, °C. . . . 

2.45 

3-4 

1100 

2.63 

3.0 

1350 

2.63 

2.8 

subl. 

Te 


3.17 

2.9 

3.32 

2.8 

3.49 

2.6 

Interionic dist., A.. . . 
Hardness, Mohs' scale 
Melting point, °C. . . . 

2.64 

3.0 

1238 

2.80 

2.8 

1041 

2.79 

2.6 


D. Trivalent. A Cations. 


B Cations. 



HQ 

AsSb 


GaP 

GaAs 

GaSb 


B 9 

2.64 

4.8 

Interionic dist., A. 

Hardness, Mohs’ scale. 

2.35 

5.0 

2.44 ' 

4.2 

2.64 

4.5 


E. Tetravalent. Diamond Structure 


CC 

SiC 

SiSi 

GeGe 


1.54 

1.89 

2.35 

2.43 

Interionic dist., A 

10 

9.5 

7.0 

6.0 

Hardness, Mohs’ scale 

3500 

2700 

1420 

958 

Melting point, °C. 


d — decomposes. 
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with expectations. The same sort of irregularity is encountered 
with the melting points of the alkaline earth halides—the change 
in melting point does not vary consistently with variations in 


Table 72.—Variation of Hardness and Melting Points with Valence 

A . .4 Cations. Ionic Structures, NaCl, CaF 2 , or S11O2 


Valence. 

1-1 

2-1 

2-2 

2-3 

2-4 

3-3 

4-4 

3-3 

2-2 

Compound. 

LiF 

MgF 2 

MgO 

A1 2 0 3 

TiO* 





A-X dist., A. 

2.02 

1.99 

2.10 

1.90 

1.96 





Hardness, Mobs' scale. 

3.3 

4.5 

6.5 

9.0 

6.5 





Melting point, °C. 

870 

1396 

2800 

2050 

164 Od 





Compound. 

NaF 

CaF 2 

CaO 


ThCh 

ScN 

TiC 



A-X dist., A. 

2.31 

2.36 

2.40 


2.42 

2.23 

2.23 



Hardness, Mohs’ scale. 

3.2 

4.0 

4.5 


6.5 

7.8 

8.9 



Melting point, °C. 

992 

1330 

2570 


2800 


3180 



Compound. 

NaCl 

BaF 2 

BaO 



AlSb 




A-X dist., A. 

2.81 

2.68 

2.77 



2.64 




Hardness, Mohs' scale. 

2.5 

3.0 

3.3 



4.8 




Melting point, °C. 

804 

1280 

1933 







B. B Cations 

Compound. 

CuCl 


ZnS 


.... 

GaP 

SiSi 



A-X dist., A. 

2.34 


2.35 



2.35 

2.35 



Hardness, Mohs’ scale. 

2.5 


4.0 



5.0 

7.0 



Melting point, °C. 

422 


1850 




1420 



Compound. 

CuBr 

C 0 CI 2 

ZnSe 



GaAs 

GeGe 

AsAl 


A-X dist., A. 

2.46 

2.50 

2.45 



2 44 

2 43 

2.44 




approx. 








Hardness, Mohs’ scale. 

2.4 


3.4 



4.2 

6.0 

5.0 


Melting point, °C. 

504 

subl. 

1100 

.... 



958 



Compound. 

Cul 

CdCl 2 

ZnTe 



GaSb 



SeCd 

A-X dist., A. 

2.62 

2.66 

2.64 



2.64 



2.62 

Hardness, Mohs’ scale. 

2.4 


3.0 



4.5 



3.0 

Melting point, °C. 

605 

568 

1238 






1350 

Compound. 

Agl 


CdTe 



InSb 

SnSn 



A-X dist., A. 

2.81 


2.80 



2.79 

2.80 



Hardness, Mohs’ scale. 

1.5 


2.8 



3.8 




Melting point, °C. 

552d 


1041 








d a decomposes. 


the size of the cations. Possibly a correction for the radius ratio 
effect is needed in these ionic crystals, the structures of several of 
which have not yet been determined. Certainly atomic arrange- 
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ment plays a part in this group. The sharp drop in melting point 
from MgF 2 to MgCl 2 , MgBr 2 , and Mgl 2 may be attributed to 
the layer-lattice structure of the last three. 

It is of considerable interest to find MgO and CaO very strong 
but MgS and CaS easily decomposed. There is no evidence of 
this weakness in either the heats of formation or the hardness 
of these compounds. 

The high melting points of the tetravalent crystals with 
the diamond structure, shown in Table 712?, are often attributed 
to their high valence. However, their strengths are probably 
dependent largely upon the covalent bond and small interatomic 
distances, since the melting point of germanium (quadrivalent, 
if ionic) is not appreciably higher than that of univalent Cul 
even though the interatomic distance is somewhat larger in the 
latter. To find that the strength, as measured by melting 
point, is quite independent of valence is consistent with the 
existence of the covalent bond in these crystals. But consider 
the melting points of the divalent compounds of the B cations 
which crystallize like ZnS, shown in Table 72 B. For constant 
interionic distances, the melting points are more than double 
those of the corresponding univalent salts. Apparently strength, 
as implied by melting point, increases, as does the hardness of 
these same compounds, with an increase in valence. This is 
difficult to reconcile with a covalent bond and is further evidence 
of the existence of a bond at least partly ionic. Of course, the 
melting points of the alkaline earth oxides, in which the bond 
is essentially ionic, 1 are more than three times those of the 
alkali halides. 

Hardness and Melting Points vs. Valence (Table 72).—Among 
ionic compounds with A cations and crystallizing in the NaCl, 
CaF 2 , or Ti0 2 structure, there is a rather consistent increase in 
strength, measured by hardness and melting points, with increas¬ 
ing valence. Dioxides with the rutile structure seem to have 
consistently low melting points; AI 2 O 3 and MgS are also some¬ 
what out of line. 

1 But see de Boee, J. H., and E. J. W. Verwey, Rec . trav. chim. f 56, 431 
(1936). The authors have calculated lattice energies of the alkaline earth 
oxides and believe that discrepancies with experimental values indicate a 
strong covalent bonding influence in this group. Of course, this evidence of 
bond type is, at best, only suggestive because of the approximations involved. 
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Table 73. —Variation of Hardnes# and Melting Point with 
Electronic Structure 


Univalent 

A cation; 

k cation; 

NaCl structure 

ZnS structure 

NaCl structure 

Compound. 

NaF 

CuCl 



2.31 

2.34 



3.2 i 

2.5 


Melting point, °C. 

992 

422 


Compound. 

Li Cl 

Cul 

AgF 

2.46 


2.57 

2.62 


3.0 

2.4 


614 1 

605 

435 


NaCl 

Agl 

2.81 

AgCl AgBr 
2.77 2.87 

A-X dist., A. 

2.81 

Hardness, Mohs’ scale. 

Melting point, °C. 

2.5 

804 

1.5 

552d 

455 422 

Uni-divalent 

CaFj structures 
TiOi 

CaF 2 structures 
TiO* 

CdCL structure 

Compound. 

CaFj 

CdFj 



2.36 

2.34 



4.0 

4.0 



1330 

520 



MgFa 

1.99 




2.04 2.16 


Hardness, Mohs' scale. 

j 4.5 

4.0 



1396 

872 856 



SrF a 

PbF* 

CdCls 

A-X dist., A... 

2.58 

2.58 

2166 

Hardness, Mohs' scale. 

3.5 

3.2 | 

Melting point, °C. 

1280 

855 

568 

Compound. 

MgCli (CdClj struct.) 

2.63 

MnClt 

A-X diet., A. 


2.63 

Melting point, °C. 

712 


650 

Divalent 

NaCl structure 

ZnS structure 

NaCl structure 

Compound. 

CaO 


CdO 

A-X dist., A. 

2.40 


2.34 

Hardness, Mohs' scale. 

4.5 


Melting point, °C. 

2570 


1000 d 

Compound. 

SrO MgS 

CdS HgS 

2.52 2.53 

A-X diet., A. 

2.57 2.59 


Hardness, Mohs’ scale. 

3.5 4.5-5 

3 2 3.0 


Melting point, °C. 

2430 d 

1750 446 suhl. 


Compound. 

BaO 

CdTe HgTc 

2 80 2.79 

PbO 

A-X dist., A. 

2.77 

2.66 

Hardness, Mohs’ scale. 

3.3 

2,8 2.0 

Melting point, °C. 

1923 

1041 . 

888 

Compound. 

SrS CaSe 


I>bS 

A-X dist., A. 

3.00 2.96 


2.97 

Hardness, Mohs' scale. 

3.3 3.2 


2.8 

Melting point, °C. 

d d 


1120 

Compound. 

BaS 


PbTe 

A-X diet., A. 

3.18 


3.22 

Hardness, Mohs’ scale. 

3.0 


2.3 

Melting point, °C. 

d 


917 


Ditetra valent: 

Compound. 

A-X dist., A. 

Hardness, Mohs' scale 
Melting point, °C. . . . 
Ditrivalent: 

Compound. 

A-X dist., A. 

Hardness, Mohs* scale 
Melting point, °C .... 
Tri valent: 

Compound. 

A-X dist., A. 

Hardness, Mohs’ scale 
Tetra valent: 

Compound... 

A-X dist., A. 

Hardness, Mohs’ scale 
Melting point f °C. 


A cation 


SiO* 

1.72 

7.0 

1700 approx 

AlaOi 

1.90 

9.0 

2050 

A1P AISs AlSb 
2.34 2.44 2.64 
6.5 5.0 4.8 

TiO(NaCl) Si8i(ZnS) 
2.23 2.35 

8-9 7.0 

3180_; 


B cation 


GeOa 

1.77 

5.0 

1100 

Fe20» 

2.10 

1560 

GaP GaAs GaSb 
2.35 2.44 2 65 

5.0 4.2 4.5 

GeOe(ZnS) 

2.43 

6.0 

958_ 


d • decomposes. 
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For B cations, hardness increases regularly with valence. 
Melting point increases with valence up to the tetravalent 
metals if we except C 0 CI 2 and CdCU, weak layer lattices. 

Hardness and Melting Point vs. Electronic Structure (Table 73). 
In comparing the relative hardness and melting points of A and 
B cations, the other variables, valence, crystal structure, and 
interionic distance, have been held constant. Without exception 
the compounds of B cations are weaker, in respect to both hard¬ 
ness and melting points, than are the A cation compounds. It 
will be recalled that these compounds also have lower heats of 
formation and their instability was attributed principally to 
the difficulty with which the cation ionizes. In short, we are 
dealing with an intermediate covalent-ionic bond which has the 
attributes of a loosened or weakened bond. 

Hardness and Melting Point vs. Crystal Structure (Table 74).— 
Data on this comparison are meager and not very conclusive. 
The brevity of the list in Table 74 is forced by the necessity of 
comparing only those compounds in which the other variables, 
valence, interionic distance, and electronic structure, may be held 
constant. Several general observations may be made from 
this table: 

1. The transition NaCl to ZnS structure apparently has little effect, either 
on hardness or on melting point. 

2. The transition CaF 2 (Sn0 2 ) to a layer lattice (CdCl 2 , Cdlj) is accom¬ 
panied by a marked decrease in strength, as measured by melting point. 

3. The NiAs structure appears to be weaker than the ZnS structure; and 
the FeS 2 lattice is weaker than the CaF 2 structure. It would be interesting 
to have more data for these groups. 

One would like to know the cause of the wide variation m 
melting points of CrS, FeS, CoS, and NiS, all with the same 
interionic distance and the same valences, all transition elements, 
and all with the NiAs structure. The melting points do increase 
consistently as the number of electrons in the M shell decreases. 

Melting Points of the Dioxides. —The dioxides of tetravalent 
elements form an interesting group. In Table 75 the melting 
points and hardnesses are compared with the interionic distances, 
electronic structure of the cations, crystal structures, and heats 
of formation. 
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Table 74. —Variation of Hardness and Melting Point with Crystal 

Structure 


Compound. 

Interatomic dist., A... 
Hardness, Mohs' scale 
Melting point, °C. 

Compound. 

Interatomic dist., A... 
Hardness, Mohs’ scale 
Melting point, °C. 

Compound. 

Interatomic dist., A... 
Hardness, Mohs' scale 

Compound. 

Interatomic dist., A... 
Hardness, Mohs' scale 

Compound. 

Interatomic dist., A.. . 
Hardness, Mohs’ scale 


NaCl vs. ZnS 


AgCl 

AgBr 

Agl 


2.77 

2.87 

2.81 




1.5 


455 

422 

552 



CdO 

ZnS 



2.34 

2.35 




4.0 



1000 d 

1850 



MgO 

BeS 



2.10 

2.10 



6.5 

7.5 



CaO 

BeTe 



2.40 

2.43 



4.5 

3.8 


ScN 

TiC 

A1P 

SiSi 

2.23 

2.23 

2.34 

2.35 

7-8 

8-9 

5.5 

7.0 


:CaF 2 -Sn0 2 vs. CdCl^Cdlt 


Compound. BaF 2 CdClt 

Interatomic dist., A. 2.68 2.66 


Hardness, Mohs’ scale 
Melting point, °C. 

Compound. 

Interatomic dist., A... 
Melting point, °C. 


Compound. 

Interatomic dist., A 
Melting point, °C.. 


Compound. 

Interatomic dist., A 
Melting point, °C.. 

Compound. 

Interatomic dist., A 
Melting point, °C.. 

Compound. 

Atomic dist., A. 

Melting point, °C.. 


3.0 




1280 


568 


PbF 2 


MgCl 2 

MnClj 

2.58 


2.63 

2.63 

855 


712 

650 

CaF 2 

vs. 

FeS 2 


CaF 2 


FeS 2 


2.36 


2.28 


1330 


1171 


ZnS vs. 

NiAs 



ZnS 

CoS 

NiS FeS 

CrS 

2.35 

2.30 

2.28 2.28 

2.28 

1850 

1100 

797 1193 

1550 

ZnSe 

NiAs 



2.45 

2.44 



-1100 

968 



CdSe 

NiSb 



2.63 

2.64 



1350 

1158 




decomposes. 
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Hardness seems to decrease fairly regularly as the interionic 
distance increases. Not so, however, for the melting points, 
which are consistent with the heats of formation; they bear no 
relation to the interionic distances, in fact, those with the highest 


Table 75.—Melting Points and Hardness of the Dioxides 


For¬ 

mula 

A-X 

Electronic struc¬ 
ture of cation 

Crys¬ 

tal 

struc¬ 

ture 

C.N. 

M.P. 

Hard¬ 

ness 

Q 

Si0 2 

1.73 

2-8 

Si0 2 

1 

4 

1670 

7.0 

201.4 

Ge0 2 

1.80 

2-8-18 

Si0 2 

4 

1100 

5.0 


Mn0 2 

1.84 

2-8-13 

S 11 O 2 

6 

d 

6-7 

126.0 

V0 2 

1.93 

2-8-9 

Sn0 2 

6 

1967 


209.1 

Ti0 2 

1.96 

2-8-8 

Sn0 2 

6 

1640 d 

6-6.5 

218.4 

Ir0 2 

1.98 

2-8-18-32-13 

Sn0 2 

6 




0s0 2 

1.99 

2-8-18-32-12 

SnOi 

6 




W0 2 

2.00 

2-8-18-32-10 

Sn0 2 

6 

Oxides in air 


126.2 

Sn0 2 

2.06 

2-8-18-18 

Sn0 2 

6 

1127 

6-7 

138.1 

Pb0 2 

2.16 

2-8-18-32-18 

Sn0 2 

6 

290 d 

5-5.5 

62.4 

Te0 2 

2.21 

2-8-18-18-2 

S 11 O 2 

6 


3.5-3.8 

78.3 

Zr0 2 

2.21 

2-8-18-8 

CaF 2 

8 

2700 


178.7 

Ce0 2 

2.34 

2-8-18-7 

CaF 2 

8 

1950 


234.9 

U0 2 

2.37 

2-8-18-32-18-10 

CaF 2 

8 

2176 


256.6 

Th0 2 

2.41 

2-8-18-32-18-8 

CaF 2 

8 

2800 


330.9 


d *= decomposes. 


melting points are the ones with the largest cations. These 
irregularities are somewhat reminiscent of those found for the 
alkali and alkaline earth halides and may be due to a radius 
ratio effect. Without question, the melting points, on the whole, 
increase as the coordination number of the crystal structure 
increases, those with the fluorite structure being the most 
stable. The melting points of Si0 2 and Ge0 2 are lower, rela¬ 
tively, than would be expected from the small size of the cation, 
and the low coordination number may have some bearing upon 
this. There also appears to be some correlation between 
stability and electronic structure. Those cations with a com¬ 
pleted 8- or 18-electron shell are, in general, the most stable. 
Pb0 2 may seem contradictory, until one realizes that the Pb 4 * 4 " 
is more stable than Pb+ 4 . Among the crystals with the fluorite 
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structure, the relatively low melting points of CeO* and UO2 are 
consistent with their incompleted outer electron shells. 

The Influence of Crystal Environment upon Stability .—In 
a series of compounds like NaF, MgF 2 , AIF 3 , SiF 4 , PF 5 , and 
SF®, a sudden increase in volatility or decrease in melting point 
is a direct result of the arrangement of the ions and the distribu¬ 
tion of the bonds in the crystal. The argument, briefly, is this: 
NaF and MgF 2 are typical ionic crystals, throughout which 
ionic bonds between oppositely charged particles extend in all 
three crystallographic directions. AIF 3 forms an ionic lattice, 
but in general the AXz compounds are apt to form weakened 
layer lattices. In SiF 4 there is the possibility of the four fluorines 
completely surrounding each silicon and screening it so that only a 
weak residual force extends from the central, electropositive 
silicon beyond the four electronegative fluorines to attract 
neighboring molecules. The SiF 4 group may exist as a molecule 
in the crystal lattice and the forces holding these molecular 
building stones together will be very weak, making for a weak 
crystal. To put the matter somewhat more briefly, the sudden 
change in stability comes at the point where the coordination 
number of the electropositive element becomes equal to the 
stoichiometric ratio of X to A in the compound formula. 1 Thus 
for NaF, MgF 2 , and A1F 3 , the coordination numbers charac¬ 
terizing the crystal structure are six or eight, while the X:A 
ratio is 1, 2, and 3, respectively. In SiF 4 the C.N. is 4, as is the 
X :A ratio. 

The sharp change in volatility or electrical conductivity is 
not necessarily due to a transition from the ionic to the covalent 
bond, as is frequently stated, 2 although undoubtedly in most 
cases, the covalent bond assumes increasing importance. Indeed, 
we know that the strength of the covalent bond is of the same 
order of magnitude as that of the ionic bond. However, the 
transition is essentially one from ionic to molecular crystals and 
the decreased stability is a result of a change from ionic to weak 
molecular forces. 

1 Paulino, Linus, J. Am . Chem. Soc. t 54, 988 (1932); Kossel, W., Ann. 
Pkyeik , 49 , 229 (1916). 

* Gbimm, H. GL, and H. Wolff, “Handbuch der Physik,” vol. XXIV, 
np. 2, p. 1024, Julius Springer, Berlin, 1933; Sidowick, N. V., “The 
Covalent Link in Chemistry,” Cornell University Press, Ithaca, N. Y., 1933. 
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Table 76.—The Stability of Typical Ionic and Molecular Crystals 


A. Melting Points (°C.) of Fluorides* 


LiF 

BeF2 

BFs 

CF4 



870 

800 

-127 

-80 



NaF 

MgF-i 

A1F 3 

SiFi 

PF, 

SF. 

980 

1396 

1040 

-77 
( — 66) t 

-83 

-66 

KF 

CaFi 

ScF, 

TiF 4 

VF» 

SeFe 

880 

1360 


(284 )% 

(111) t 



B. Melting Points and Equivalent Conductivities! of Chlorides 


LiCl 

BeCla 

BCla 

CC1 4 


Compound 

613 

440 

-107 

-22 


Melting point, °C. 

166 

0.086 

0 

0 


Equivalent conductivity 

: 

NaCl 

MgCh 

AlCla 

Si Cl 4 

PC1» 

Compound 

804 

718 

194 

-70 

148 (pressure) 

Melting point, °C. 

133.5 

28.8 

1.5 X 10* 

0 

0 

Equivalent conductivity 

KCi 

CaCh 

ScClj 

TiCU 


Compound 

768 

772 

930 

-30 


Melting point, °C. 

103.5 

51.9 

15 

0 


Equivalent conductivity 

RbCl 

SrClj 

YClj 

SrCl 4 

CbCU 

Compound 

716 

873 


300 

194 

Melting point, °C. 

78.2 

65.7 


1 

2X10"» 

Equivalent conductivity 

CsCl 

BaCU 

LaCl 3 

HfCh : 

TaCU WCU 

Compound 

646 

925 

907 


221 275 

Melting point, °C. 

66.7 

64.6 

29 


3X10-7 2X10-« 

Equivalent conductivity 




ThCl 

UCU 

Compound 




810 

567 

Melting point, °C. 



i 

16 

0.34 

Equivalent conductivity 


C. Melting and Boiling Points of Aluminum, Silicon, and Stannic Halides 


AlFa 

A1CU 

AlBra 

Alla 

Compound 

800 

183 

268 

382 

Boiling point, °C. 


194 

97.5 

191 

Melting point, °C. 

H 1 F 4 

SiCU 

Si Hr 4 

Sil 4 

Compound 

-77 

57 

153 

290 

Boiling point, °C. 

-65 

-70 

5 

120.5 

Melting point, °C. 

SnF 4 

SnCU 

SnBn 

Snl 4 

Compound 

705 

114 

202 

340 

Boiling point, °C. 


-30 

31 

143 

Melting point, °C. 


* Melting points and boiling points from “ International Critical Tables,” McGraw-Hill 
Book Company, Inc., New York. 

t Equivalent conductivities from H. G. Grimm and H. W. Wolff, " HandbucK der Phymk,” 
vol. XXIV, No. 2, p. 1024, Julius Springer, Berlin, 1933. These data were originally com¬ 
piled by Bilts and Klemm who, like Grimm, have published numerous papers on this sub¬ 
ject. See Z. physik . Chem. and Z. anorg. allgem . Chen 1922 to 1927. 

% Figures in parentheses are boiling points. 






236 


CRYSTAL CHEMISTRY 


As a matter of fact, there is no reason to postulate that the 
bonds in SiF 4 are entirely different from those in A1F 3 . It has 
been suggested, that the bond in SiF 4 is partly ionic and partly 
covalent, and a measurement, by electron diffraction, of the S-F 
distance in SF 6 suggests that even in this compound (and in 
SeF 6 and TeF 6 ) the bond is more ionic than covalent. 1 Of 
course, the small fluoride ion has a strong electron affinity and 
thus a strong tendency to form the ionic bond. 

The full effect of the weak molecular force is manifested when 
the size and number of the negative atoms or ions with respect 
to the electropositive element to which they are attached are 
such that the central atom may be completely surrounded and 
its attractive force effectively screened. Innumerable data are 
available to demonstrate in a convincing manner the effect of 
the increasing size and number of the surrounding atoms or ions 
upon the stability of binary compounds. Some of these are listed 
in Table 76. The table is practically self-explanatory, and the 
sudden break in strength in going from left to right along a 
horizontal row is readily understood. That this break occurs 
farther to the right for the lower rows is to be expected, for the 
size of the central atom is increasing from top to bottom. The 
boiling points of SiF 4 , TiF 4 , and VF 5 are used for comparison since 
the melting points of the last two are not available. 

In Table 76 B f the equivalent conductivities of the fused 
chlorides are given as well as their melting points. The equiva¬ 
lent conductivities were measured just above the melting points, 
except BeCU, determined at 35°C. There is a sudden break in 
conductivity at BeCl 2 , at AlCl 3 -SiCl 4 , at ScCl 3 -TiCl 4 , etc. 
When a crystal melts, it breaks at its weakest link. The break¬ 
down of a molecular crystal gives no indication of the nature or 
strength of the intramolecular forces. A molecular crystal may 
be unstable, yet the molecules of which it is built may be very 
stable and difficult to decompose. When the molecular TiCl 4 
crystal breaks down, TiCl 4 molecules exist in the melt and the 
latter is, of course, nonconducting; not necessarily because the 
intramolecular forces are covalent, but because the mobile units 
in the melt are neutral molecules. 

1 Bbockway, L. O., and Linus Pauling, Proc. Natl. Acad. Sci.y 19, 68 
(1933). 
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Table 76C carries on the matter from a slightly different angle. 
In Table 76 A and B ) the sudden change in properties comes with a 
decreasing radius of the electropositive element and the increase 
in the number of electronegative elements available for screening 
the central atom or ion. In Table 76C, the size of the electro¬ 
positive central element remains constant, as does the number 
of surrounding electronegative elements; but the size of the 
electronegative elements increases, and the same abrupt change 
in properties occurs. Thus A1F 3 is an ionic crystal with a rela¬ 
tively high boiling point, while a sharp drop is encountered in 
AICI 3 . The boiling point increases from AICI 3 to AII 3 , from 
SiF 4 to Sil 4 , and from SnCl 4 to Snl 4 are in accordance with the 
increasing molecular weights in these series. (The boiling 
points of the aluminum halides are higher than those of the tin 
halides, probably because the former are polymerized as A1 2 X 6 .) 
Thus, if the electronegative atoms are large enough to com¬ 
pletely surround and screen the central atom, then the boiling 
point increases in the series F-Cl-Br-I: but if the central atom is 
not surrounded by fluoride, then the boiling point decreases in 
the series F-Cl-Br-I until the halide becomes large enough to 
screen the central atom, and, from that point on, the boiling 
point again increases in the normal manner. 

The same relation of stability to environment may be observed 
in a series of the oxyhalides. WOF 4 boils at 190°C., while 
WOCl 4 boils at 227.5°C. One may say that in the fluoride the 
central atom is completely surrounded and the higher boiling 
point of the chloride results from its higher molecular weight. 
But if the central atom is not completely screened in the fluoride, 
one must expect the chloride to be less stable; thus VOF 3 boils at 
480°C., and VOCl 3 boils at 127°C. 

Many other examples of the influence of the relative numbers 
and relative sizes of atoms or ions upon the stability of their 
compounds might be given. To mention a few, at random: 

1. SF 6 is well known, but not SC1 6 . SC1 4 is the highest 
known chloride of sulfur, and S 2 Br 2 is the highest bromide known. 

2. Similarly, we have MoF 6 , but not MoCl 6 , M0CI5 being the 
highest molybdenum chloride known. 

3. An increase in volatility may be observed in a series of oxides 
as the relative sizes of the cations increase; but for the oxides, 
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the charges on the central atom must be six in order to have three 
surrounding anions, and the chances of having four screening 
anions are slim. This accounts, in part, for the relatively small 
number of gaseous oxides known. Some interesting data are 
shown in Table 77. 


Tablb 77. —Stability of Typical Oxides, as Indicated by Melting 

Point, °C. 


Na,0 

subl. 

MgO 

2800 

AI 2 O 3 

2050 

S1O2 

1600 

P 2 O 5 
sub. 250 

SO* 

16.8 

CI2O7 

explosive 


CsjO 

subl. 

1000 

i 

BaO 

1923 

L412O3 

2000 

Hf0 2 

2812 

Ta 2 0 6 
d 1470 

W0 3 

2130 


Os0 4 

130 


d decomposes. 


In the second row, the central atoms are larger, and the break 
in stability, suggesting the formation of a molecular lattice, 
comes farther to the right. In both series the break comes 
farther to the right than with the halides since the number of 
halide atoms per central atom may be twice the number of 
oxygens. 

Let us summarize at this point the influence of crystal struc¬ 
ture, of ionic properties (size, valence, and electronic structure), 
of bond type, and of the relative number of electronegative 
elements bonded to each electropositive atom upon the strength 
and stability of crystals as indicated by compressibility, hard¬ 
ness, melting point, and boiling point. 

The resistance of a crystal to compression depends chiefly 
upon the interionic distances and the crystal structure, the 
arrangement of the building stones. If the distances are large 
and the atoms or ions loosely packed (viz. structures with low 
coordination numbers), then considerable compression may be 
expected. 

Hardness is a measure of resistance to deformation. This is 
determined chiefly by the distance between atoms or ions and by 
the forces holding them together. 

Melting point is a measure of the resistance of the crystal to 
disruption by heat. It is determined primarily by the strength of 
the bonds within the crystal. This strength, of course, is influ- 
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©need by interionic distance (in ionic crystals), valence, electronic 
structure of the ions, and the crystal structure. 

The data in Tables 71 to 77 summarize the evidence supporting 
these generalizations. 

Solubility. —Solubility also measures, in a sense, the strength or 
stability of a crystal. 

A salt is soluble in water when the attraction of the ions for 
water molecules is stronger than the attraction of the ions for 
each other, or, to put it a bit more precisely, when the energy of 
hydration is greater than the lattice energy. In general, the 
small cations may be expected to exert a greater attraction for 
water than do anions, but since the water molecule is ^symmetric, 
it may be shown that a negative ion will have a higher energy of 
hydration than a positive ion of the same size. 1 

It is difficult to make a direct calculation of the heat of hydra¬ 
tion (an approximation of the energy of hydration) of an ion 
because several layers of water surrounding the ion contribute to 
this value. Possibly the number of water molecules in the first 
layer is determined by the radius ratio rule. We may approach 
the heat of hydration indirectly through the relationship 
— U = H + L, where U = lattice energy, required to dissociate 
the solid into vapor ions; L = heat of solution at infinite dilution, 
the energy required to convert the solid into a dilute solution; 
H = heat of hydration, an approximation of the energy involved 
in the hydration of the vapor ions. We then have the cycle 

MX -> (M+) + (X-) 

Solid -U Vapor 

\ / 

+L\ / +H 

M+ + X- 

Hydrated ions 

The heat of solution may be determined experimentally. The 
lattice energies are, of course, available. Since heats of hydration 
are measured at infinite dilution, in a compound AX, Ha - will 
be unaffected by Hx+. The heats of hydration of the ions are 
additive, so that Ha+ + Hx- = Hax. From the heats of hydra¬ 
tion of the alkali halides, and similar data it has been possible to 

1 Sbe, for example, van Ardel, A. E., and J. H. db Boer, “Chemische 
Bindung," p. 222, S. Hirzel, Leipzig, 1931. 
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compute values for heats of hydration of the ions shown in Table 
78. 

Table 78. —Heats op Hydration of Several Ions* 

(kg. cal.) 





K + 

Rb + 

OH- 

F- 

Cl- 


I- 




77 

73 


123 

83 

73 

63 


* Van Arkel, A. E., and J. H. de Boer, “Chemische Bindung,” p. 222, S. Hirsel, Leipsig, 
1931. 


The heat of hydration increases with decreasing size of the 
cation or anion and with increasing valence. The heat of hydra¬ 
tion of a B cation is greater than that of an A cation of the same 




Solid 


S o / u t i o n 


Fio. 37.—The solution of a crystal in water. (From Hildebrand , “Principles of 
Chemistry 1932, by permission of The Macmillan Company, New York.) 


size and valence. This is probably due to the strong polarizing 
effect of the former and its tendency to form a covalent bond. 

Solubility may also be pictured as the result of the weakening, 
by the solvent, of the bonds within the crystal, according to the 
relation 


p _ e x X e 2 
d 2 X D 

where F = attractive force between ions, e\ and e% = charges on 
ions, d = distance between ions, D = dielectric constant of 
solvent. Thus, water is a good solvent for ionic crystals because 
it is a strong dipole and has a high dielectric constant which tends 
to neutralize the forces between the ions. The polar water 
molecules surrounding a crystal may be considered to penetrate 
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the lattice, pry the ions apart, and carry them away, as shown 
schematically in Fig. 37. In many cases they are not carried far. 
It is rather surprising to learn, for example, that in a saturated 
solution of sodium chloride the sodium and chloride ions are only 
about twice as far apart as they are in the crystal. 

Solubility and Ionic Radii .—The relation of solubility to ionic 
radii or interionic distances is shown for the alkali halides, in 
Table 79, and for the alkaline earth halides and the halides of 
zinc and cadmium in Table 80. 


Table 79.— Solubilities of the Alkali Halides (Moles in 1,000 Parts 
Water) at 0°C. (unless Indicated in Parentheses) 



F 

Cl 

Br 

i 

Li 

0.1 (18) 

16 


11 

Na 

1.0 (15) 

6.1 

11 

10 

K 

16 (18) 

3.7 

4.5 

7.6 

Rb 

12 (18) 

6.4 

5.8 

6.5 (6.9) 

Cs 

24 (18) 

9.6 

6.0 (25) 

1.7 


Table 80.—Solubilities of the Divalent Halides 
(Moles per liter) 



F 

Cl 

l 

Br 

I 

Mg 

0.0012 (18) 

5.6 

5.0 

4.3 

Ca 

0.0002 (18) 

5.36 

6.25 

6.0 

Sr 

0.0009 

2.7 

3.4 

4.8 

Ba 

0.009 

1.5 

3.3 

7.5 (40°C.—BaIj-2HjO) 

Zn 

Trace 

32 (25) 

26 (40) 

14 

Cd 

0.3 (25) 

5 

2.25 

2.2 


It is difficult to find any consistent trend in these data, nor is 
this surprising, since solubility is influenced by lattice energy and 
heat of hydration and these are affected differently by ionic radii. 

Solubility and Valence .—With increasing valence, the lattice 
energy of ionic crystals increases much more rapidly than does 
the energy of hydration. The term e\ X e% in the expression 

F a® also increases. Thus solubility decreases very 

sharply as valence increases, as shown by typical data listed in 
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Table 81. This table may, of course, be greatly extended, and the 
trend will be found to be consistent. 


Table 81 .—Solubility vs. Valence (A-X Distances Relatively 

Constant) 

(Moles per liter) 


Valence. 

1-1 

2-1 

2-2 

3-2 

4-2 

3-3 

4-4 

I 

3-1 

Layer 

lattice 

4-1 

Molecu¬ 

lar 

lattice 

Compound. 

LiF 

MgFj 

MgO 

A1,0, 

TiOi 

ScN 

TiC , 



A-X diet., A. 

2.02 

1.99 

2.10 

1.90 

1.96 

2.23 

2.23 



Solubility. 

0.1 

0.0002 

0.00016 

t 

i 

% 

i 



Compound. 

NaF 

CaFj 

CaO 

ThO, 




AlCli 

ThCU 

A-X diet., A. 

2.31 

2.36 

2.40 

2.42 






Solubility. 

1.0 

0.0002 

i 

i 




6.0 

V8 

Compound. 

NaCl 

BsF, 

BaO 





PrCl, 

Sill 4 

A-X dist., A. 

2.81 

2.68 

2.77 







Solubility. 

6.1 

0.009 

0.1 





4.2 

V8 


V9 — very soluble; » *= insoluble. 


The influence of valence upon solubility is evident. In the first 
horizontal row and in the first three vertical rows are typical ionic 
crystals (except ScN and TiC) and, as valence increases, solubility 
drops rapidly; in fact, only the uni-univalent salts show an appre¬ 
ciable solubility, and of the halides of copper, silver, and thallium, 
only the fluorides. Passing from the strictly ionic crystals into 
the field of atomic crystals (ScN, TiC), layer lattices (AlCla and 
PrCla), and molecular crystals (ThCl 4 and Snl 4 ), the strength of 
the crystal, as measured by stability, is, of course, no longer 
directly controlled by valence. 

Solubility and Electronic Structure of the Ions .—A B cation 
exerts a strong polarizing effect and an increasing tendency to 
form the covalent bond, and the lattice energy and the energy of 
hydration are both higher than they are for an A cation of the 
same size and valence. Whether in substituting a B cation 
for an A cation heat of hydration or lattice energy increases to 
the greater extent appears to depend upon whether water or the 
negative ion of the compound can be more strongly polarized or 
favors more pronounced covalent bonding. If the anion igrapre 
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easily polarized than water, then lattice energy may be expected 
to increase more rapidly than does heat of hydration; and the 
compound with the B cation is less soluble. If the anion is less 
easily polarized than water, then the heat of hydration increases 
more rapidly than the lattice energy, and the solubility of the 
B cation compound is greater; i.e., the B cation tends to form a 
stronger bond with water molecules than with the anions. The 
effect of this relationship is shown in Table 82. 


Table 82.— Solubility vs. Electronic Structure of the Cation 
(Grams per 100 g. water) 



F 

I 

Cl 

Br 

1 

Na+ 

4.0 

35.7 

116 

158 

Ag + 

182.0 

0.000089 

8.4 X 10-* 

3 X 10" 7 

T1+ 

80 

0.21 

0.024 

0.002 

Hgj ++ 

Forms 

Hg 2 0 

0.0001 

2 X IQ' 9 

2 X 10-* 


The fluorides (and chlorates and nitrates) of the B cations are 
more soluble than those of the corresponding alkalies, probably 
because water can form a stronger bond with the cation than can 
the fluoride ion, either through polarization or because of the 
contribution of covalent binding. The other halides of B cations 
are less soluble than the alkali halides because the halogen is more 
strongly polarized than is water. 

The same sort of relation is to be found among the divalent 
ions. Because the anion is more strongly polarized than water 
( e.g ., O", S") or, as is more likely in this case, because of the grow¬ 
ing influence of the covalent bond, the compounds of the B cations 
are less soluble than those of the A cations. Thus ZnO, ZnS, CdS, 
HgO, CuO, FeO, NiO, etc., are less soluble than CaO, BaO, CaS, 
and BaS. If the water is more strongly polarized than the anion, 
then the reverse is true; CaS0 4 , SrS0 4 , and BaS0 4 are less soluble 
than ZnS0 4 and CuS0 4 . Furthermore, within the series of 
alkaline earth salts there are interesting variations in solubility. 
Compare the solubilities of the alkaline earth sulfates and hy¬ 
droxides in Table 83. 

Of the sulfates, MgS0 4 is the most soluble, possibly because 
Mg++, being the smallest cation, has the greatest polarizing effect 
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on the easily polarized water. With the hydroxides, however, 
the reverse is true. The hydroxyl ion is more easily polarized 
than water, hence the smallest cation may polarize it the most 
and thus forms the least soluble hydroxide. MgO is less soluble 


Table 83.—Solubilities of Alkaline Earth Sulfates and Hydroxides 
(Grams per 100 g. water) 


MgSOi 

26.9 

Mg (OH) 2 

0.0009 

CaS0 4 

0.176 

Ca(OH) 2 

0.185 

Sr SO 4 

0.011 

Sr(OH) 2 

0.41 

BaSO* 

0.0001 

Ba(OH) 2 

4.29 

i 


than CaO; while MgS0 4 is more soluble than CaS0 4 ; Mg ++ is more 
strongly polarizing than is Ca ++ and 0“ is more strongly polarized 
than is S0 4 *. 

This polarizing influence may account, too, for the high solubil¬ 
ity of certain salts of sodium as compared with those of potassium, 
rubidium, and cesium and of magnesium as compared with 
calcium, strontium, barium, and radium, as shown in Table 84. 


Table 84. —Solubilities of Some Alkali Salts 
(Moles per liter) 


M 

Na 

! I 

K 

Rl) 

Cs 

MC10 4 

vs 

| ____ j 

; 0.11 i 

0.041 

0.05 

M 2 PtCl«i 

vs 

\ 

23 X 10-* ' 

24 X 10- 4 

1.17 X 10~« 


M 

Mg 

1 

Ca | 

_ I 

Sr 

Ba 

Ra 

MSO 4 

2.16 

7.8 x 10- 3 ; 5.3 x 10- 4 

9.7 X 10~« 

6.5 X 10- 1 

MC*04 

2.7 X 10" 3 

4.2 X 10~ 6 

24 X 10~ 5 | 

33 X 10~‘ 



v$ — very soluble. 


Sodium and magnesium are relatively small and strongly 
polarizing ions and water is polarized more easily than the C10 4 ~, 
PtClr, SO-, and C 2 Or. 

All this has a very interesting bearing upon our scheme of 
qualitative analysis as shown in Table 85. To precipitate the 
univalent B cations, we add an ion (Cl, Br, or I) which is more 
strongly attracted than is water. If we were to add H 2 F* as a 
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first group reagent instead of HC1, the alkali cations would be 
precipitated at that point. The HC1 does not precipitate the 
divalent B cations or any tri- or tetravalent cations because the 
halides of these form weak, and therefore soluble, layer or molec¬ 
ular lattices. To precipitate the divalent B cations, we add a 
divalent sulfide ion which will be polarized more strongly than 
water and tends to form a bond not so easily broken by water. 
This precipitates an AX compound, thus avoiding the formation 


Table 85. —Scheme of Qualitative Analysis* 


Reagent.. 

HC1 

HiS acid solution 

(NH4)*S 

(NH4)tC0* 

Ions pre¬ 
cipitated . 

Ag + 

Cd ++ 

Ge + * 

Cu ++ 

V+6 

Fe ++ 

Ti+4 

Al + *Be + + 

Mg ++ Li + 

Na + 


T1+ 

Hg ++ 

Sn' M 

Ru + * 

W + 6 

Co ++ 

Zr +4 

Sc + * 

Ca ++ 

K+ 


Pb ++ 

As + » 

Pb + + 

Rh + J 


Ni ++ 

Ce + * 

Y + * 

Sr ++ 

i Rb + 


Hg + 

Sb + * 

As +J 

Pd + + 


Cr + * 

Th +4 

La + * 

Ba + + 

Cs + 



Bi+‘ 

Sb + * 

Os + « 


Zn + f 


Ce + « 

Ra ++ 




Sn+* 

Bi+* 

Ir+i 


Mn ++ 


Rare 







Pt + « 




earths 



Number 











of va¬ 
lence el¬ 
ectrons. . 

1-2 

2-5 

2-3 

2-4 

5-6 

2-3 

4 

3 2 

2 1 

1 

Number 











of outer 
electrons 

18 

18 

18 + 2 

T 

8 

18 

8 

8 2 

8 2 

8 







T 






T «■ transition ion. 

Mg+ + precipitates as the carbonate only in the absence of NH* + 

♦Grimm, H. G. and H. W. Wolff, “ Handbuch der Physik,” vol. XXIV, No. 2, Julius 
Springer, Berlin, 1933. 

of a layer lattice. With an acid sulfide, we are able to precipi¬ 
tate most of the remaining B cations, the cations of the larger 
transition elements, and even the largest (F+ 5 and W +b ) of 
the A cations. The smaller transition cations and the tri- and 
tetravalent A cations, however, are precipitated in basic solution: 
the precipitation of some of them depends upon the attraction by 
the cation of the very polarizable hydroxyl ion (see Hydrolysis) 
to form an insoluble hydroxide. Only the alkaline earths and 
alkalies are left. We expect the alkaline earths to be separated 
from the alkalies by a divalent anion because of the known influ¬ 
ence of valence upon solubility. 
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It has, of course, become evident by this time why certain 
salts, particularly those of the B cations, can be dissolved in 
ammonia when they are insoluble in water. Ammonia, although 
a weaker dipole than water, can be more strongly polarized, and, 
when in a strong electric field, its induced dipole moment is 
greater than that of water. The B cations can attract ammonia 

H 

more strongly than water. The ammonia molecule :N:H con- 

11 

tributes its extra electron pair to the bond, tending to form, in 
most cases, a bond with an appreciable covalent component. 
We find that ammonia can break down the AgCl, AgBr, and Agl 
lattices where water fails. Similarly, salts of Zn, Cd, and Cu 
form ammonia complex ions which are soluble and stable in solu¬ 
tion. Of the A cations, Mg* 4- , since it is the smallest and most 
strongly polarizing of the alkaline earths, is soluble in ammonia. 

Hydrolysis. Acids and Bases.—Salts of weak acids or weak 
bases, particularly those of metals whose hydroxides are insoluble, 
hydrolyze when dissolved in water. Now, the hydroxide ion is 
very easily polarized, and in accordance with the principles 
developed above, we may expect the hydroxides of the smaller 
cations and of the B cations to be particularly insoluble or only 
weakly ionized, since these are the cations which will exert the 
strongest polarizing influence upon the hydroxide ion. To cor¬ 
relate the tendency to hydrolyze with electronic structure of 
the ion, we need only bear in mind that those ions which can 
polarize the hydroxide ion most strongly are those most apt to 
hydrolyze. It follows that hydrolysis should take place to a 
greater extent with small cations than with large ones. Thus, of 
the fourth group chlorides ThCl 4 , HfCl 4 , ZrCl 4 , TiCl 4 , SiCl 4 , and 
CC1 4 , the degree of hydrolysis increases in the order ThCl 4 to 
SiCl 4 . ThCl 4 , in fact, hydrolyzes very little and shows consider¬ 
able tendency to ionize. For the A cations in the second group, 
hydrolysis increases in the order Ba++ to 

, The tendency of a compound to hydrolyze increases with the 
valence of its cation. Only the alkali and alkaline earth salts 
undergo relatively little hydrolysis. Hydrolysis is marked 
for the trivaJent aluminum ion and others of both the A and B 
subgroups and is practically complete for most cations whose 
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valence exceeds three. The B cations, of course, hydrolyze more 
strongly than A cations of the same size and valence. 

Adds and Bases. —All oxides form hydrates. The question 
arises as to why some split off hydroxide ions to form bases and 
others split off hydrogen ions to form acids. In a general way, 
the answer to this question has already been anticipated to some 
extent. No doubt the size of the positive ion and the nature of 
the bonding forces are of paramount importance in influencing 
the hydrated oxide to become a base or an acid. A hydroxyl ion 
is not attracted so strongly to a large cation of low valence as it is 
to a small cation of higher valence, i.e., the reaction 
MOH —> M+ + OH~ proceeds more readily for the larger, unival¬ 
ent and divalent cations—the base-forming cations. 

Acids and bases were discussed from a slightly different view¬ 
point some years ago by Kossel 1 and later by Lewis. 2 Consider 
the compound MOH. If M loses electrons easily ( i.e ., if it is 
large and of low valence) the M-OH bond is weak and a base 
is formed. But if M has a strong attraction for electrons (i.e., is 
small, highly charged, and tends to form an electron-pair bond), 
then the electron cloud around oxygen is drawn toward M, thus 
weakening the O-H bond and allowing the hydrogen to break off 
to form an acid. 

Thus, NaOH is basic because sodium gives up its valence elec¬ 
tron readily. ClOH is acid because the chlorine has a strong 
attraction for electrons and tends to draw them away from the 
O-H bond. Acetic acid is a weak acid; but if chlorine atoms are 
substituted for the hydrogens of the methyl group, 

Cl 

I 

Cl—C—C—O—O—H 

I 

Cl 

they tend to draw to themselves the outer electrons of all the atoms 
in the molecule. Thus the O-H bond is weakened as the /lumber 
of substituted chlorines increases, and the strengths of mono-, 
di-, and trichloracetic acids increase in the order named. 

1 Kossel, W., Ann. Physik , 49, 229 (1916). 

•Lewis, G. N., “Valence and the Structure of Atoms and Molecules,” 
p. 142, Reinhold Publishing Corporation, New York, 1923. 
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This sort of analysis may be carried throughout the periodic 
table, and, as is well known, the change “base to acid” shifts 
farther to the right for each succeeding period, somewhat as 
follows: 


1 . 

Period LiOH 

Be(OH) 2 

B(OH)s 


2. 

Period NaOH 

Mg(OH) 2 

Al(OH) s 


3. 

Period KOH 

Ca(OH) 2 

Sc (OH) 3 

Ti(OH) 4 


CuOH 

Zn (OH) 2 



4. 

Period RbOH 

Sr(OH) 2 

Y(OH)a 

Zr(OH) 4 Cb(OH)# 


AgOH 

Cd(OH) 2 

In(OH) s 


5. 

Period CsOH 

Ba(OH) 2 

La(OH) 3 

Hf(OH) 4 Ta(OH)* 


AuOH 

Hg(OH) 2 

Tl(OH) 3 

Pb (OH) 4 


In each case the last hydroxide given is amphoteric, and the 
next element to come is acidic. The influence of ionic size on 
basicity is clearly shown. In this connection the basicity of the 
rare earths is of interest. La(OH) 3 is rather strongly basic, but 
the rare earth cations become less basic in character from lan¬ 
thanum on. We see, too, that the last amphoteric hydroxide is in 
the fifth group in the fifth period as well as in the fourth period, 
since Cb and Ta are of similar sizes. 

Evidently the B cations, exerting a greater attraction for the 
easily polarized hydroxyl group and having a stronger attraction 
for electrons than do the A cations, tend to prevent the hydroxyl 
group from splitting off to give a basic solution. We find 
Zn(OH) 2 amphoteric in the third B subgroup as compared with 
Ti(OH) 4 in the A subgroup; and In(OH) 3 in the fourth B sub¬ 
group as compared with Cb(OH) 6 in the A subgroup. 

A number of useful applications of this correlation of acidity 
with ionic size and ionization potential might be described. To 
cite only one, a recent study of the acid strength of inorganic 
cations and the basic strength of inorganic acetates in acetic acid 
is an interesting case in point. 1 The dissociation of inorganic 
acetates in acetic acid decreases (i.e., the bond, C 2 H 3 02 -metal, 
becomes stronger) with decreasing size and increasing charge of 
the metal ion. The acid strength of cations in acetic acid increases 
with decreasing size and increasing charge of the cations. 

Color of Crystals.—A crystal of copper sulfate transmits blue 
light because there are electrons in the crystal which change 
4 Kol/thofp, I. M. and A. Willman, J. Am. Chem. Soc. t 56, 1014 (1034). 
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energy levels in the proper regions to absorb all the rest of the 
white light which enters the crystal, letting only blue light pass 
through. A strong ionic crystal like NaCl is colorless and trans¬ 
parent because all of the electrons are so tightly held that their 
vibration is not of the proper frequency to absorb any light 
passing through them. The same is true of strong covalent 
crystals like diamond. It is among those crystals in which inter¬ 
mediate bonds prevail that color is found. 

The color of the ions of the transition elements has been attrib¬ 
uted 1 to the electrons which are able to shift from the outer 
valence shell to the adjacent 18 shell. Similarly, as Lewis 2 
suggested some time ago, the color of the other binary compounds 
may be associated with a loosening of the electron structure, 
characteristic of the mixed bond. He represented such a state 
by placing the shared electron pair nearer the negative atom; 
thus Ag : I, rather than halfway between (Cl:Cl), their position in 
the normal covalent bond. The same loosened bond is to be 
expected as a result of deformation when a strongly polarizing 
B cation combines with an easily polarized anion. 3 The colored 
binary compounds are restricted entirely to compounds of the transi¬ 
tion elements and the B cations . 4 The relation between intensity 
of color and this “loosening” of the electron structure is clearly 
shown in Table 86. As the electrons are loosened to the point 
where they are able to absorb visible light, the first color produced 
is yellow, and with further loosening the other colors follow. 
The silver halides offer a typical example. The fluoride crystal¬ 
lizes in the NaCl structure and the F" is not polarized; the salt is 
colorless. With the more easily polarized Cl - ", the color appears 
and increases in intensity with the change Cl~ to Br~ to I“, which 
is accompanied by a loosening of the lattice. The case of ZnO is 
interesting. Evidently zinc is the least polarizing of the group 
and does not produce a colored oxide. When zinc oxide is heated, 

1 Ladenburg, R., Naturwissenschaften, 8, 6 (1920); Z. Elektrochem ., 26, 
262 (1920). 

* Lewis, G. N., J. Am. Chem. Soc. } 38, 762 (1916). 

* Fajans, Kasimir, Naturwissenschaften , 11, 165, (1923). 

4 But the very unstable compounds CaCl and BaCl have been prepared 
and, as might be anticipated, are highly colored. Abbgg, R., “Handbuch 
dor anorganische Chemie,” vol. II, pp. 105, 253, Leipzig, 1905, 
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however, the heat augments the loosening effect and the oxide 
assumes a yellow color which is lost when the temperature 
falls. This is not due to an allotropic change. The same type 
of color change is familiar in the ruby, which changes from red to 
green when it is heated above approximately 400°C. There is no 


Table 86.—The Colors of Binary Salts 



F 

Cl 

Br 

I 

0 

S 

S0 4 

H 2 0 

NH, 

Na 

c 

o 

c 

c 






Cu 11 

c 

yellow 

brown 


black 

black 

c 

blue 

darker 



brown 

black 






blue 

Ag 

c 

faint 

yellow 

dark 

brown 

black 

c 





yellow 


yellow 

black 





Hg 

c 

c 

yellow 

yellow 






Zn 

c 

c 

c 

c 

c 

c 

c 








yellow 





Cd 

c 

c 

yellow 

brown 

brown 

yellow 

c 



Hg 11 

c 

c 

yellow 

yellow 

red or 

red or 

c 







red 

yellow 

black 




Pb 11 

c 

c 

yellow 

yellow 

c 

black 

c 



Sn 11 

c 

c 

yellow 

red 

c 

yellow 

c 




c = colorless. 


evidence to indicate that this color change is due to another 
crystalline form. 1 That the positive ions in Table 86 are not in 
themselves colored is indicated by the existence of the colorless 
fluorides and sulfates—compounds in which the bond is more 
strongly ionic. It follows without question, therefore, that the 
color of these compounds is due to a property of the bond between 
the ions—a result of their interaction upon each other. Pb 4 * 4 " is 
colorless and I~ is colorless; but, put them together and the 
brilliant yellow of Pbl 2 appears. 

We shall see later that the brilliant colors of many of the Werner 
complexes are probably due to loosened, intermediate type bonds 
between the metal atoms and their coordinated molecules. Cu 4 " 4 ", 
for example, is apparently colorless, but Cu(H 2 0) 4 ‘ H ‘ is blue and 
CuCNHa^ 4-4 " is a more intense blue. Recently the cupric hydrate 
of heavy water, Cu(D 2 0)4 +4 ’, has been described as greener than 

1 Stillwell, C. W., J. Phys. Chem ., 80, 1441 (1926). 
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CuCHaO)^, and less intense in color, 1 suggesting less loosening 
and less deformation of the D 2 0 molecule, which is to be expected. 

It is evident that color appears in those substances which are 
characterized by a high molecular refractivity; the same loosening 
of electrons is responsible for both phenomena—color and high 
refractivity. 

Electrical Conductivity by Ionic Diffusion. —The electrical 
conductivities of molten ionic salts are of the same order of 
magnitude, but the electrical conductivities of these same crystal¬ 
line salts show great differences. 2 The order of these differences 
is shown in Table 87, in which the values in column 2 are the 
ratios of the conductivities of the melts, just above the melting 
points, to the conductivities of the crystals just below the melting 
points. 3 A striking feature of these data is that the conductivity 

Table 87.—Electrical Conductivity in the Region of the Melting 

Points 

(Conductivity above Melting Point/Conductivity below Melting Point) 


kno 3 

20,000 

LiNO a 

10,000 

KCi 

9,000 

NaCl 

3,000 

T1C1 

160 

TIBr 

130 

Til 

100 

AgCl 

30 

AgBr 

5 

Agl 

0 


of solid Agl is actually about 10 per cent greater than that of 
molten Agl. 

Ionic conductivity in solids appears to bear some relation to the 
predominant type of bond in the crystals. 4 This is illustrated in 
Fig. 38, showing the “degeneration” of a silver ion to a metallic 
silver atom via the solid series AgN0 3 , AgCl, AgBr, Agl, Ag&, 
Ag 2 Te, AgaSb, Ag 4 Sn, Ag 3 Au, Ag. The magnitude of the ionic 
conductivity, as measured by diffusion in the solid, is shown along 

1 Bell, J., Nature , 137, 534 (1936). 

* Tubandt, C., and S. Eggbrt, Z. anorg. Chem ., 110, 196 (1920); Joffe, A., 
Ann. phys.> 72, 461 (1923). 

8 von Hevesy, G., Z. phymk. Chem., 101, 337 (1922); Z. Physik , 36, 481 
(1926). 

4 von Hbvesy, G., Z. Elektrochem 34, 463 (1928). 
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the vertical axis. The region of greatest diffusion is the region of 
greatest loosening, the region where a mixed ionic-covalent bond 
is to be expected; the rate of ionic diffusion begins to decrease 
when the intermediate-type bond becomes predominantly 
covalent, and it decreases very rapidly from this point to the 
metallic bond. 

As ionic conduction, or diffusion, decreases down the right-hand 
side of the curve in Fig. 38, electronic or metallic conduction 

Specific electron 
conduction 

Agl orAg 2 S I0~ 4 ohm~ l 
Ag 3 Sb, Ag 3 Bi hO' 4 ohm 
Ag 4 Sn,Ag 4 Pb /0 s ohm *' 

Ag 7*IO s ohm' 

Ion Metal 

Ionic bond Metallic bond 

Fig. 38.—The “degeneration” of a silver ion to a metallic silver atom, as 
measured by diffusion in the solid (measured qualitatively along the vertical 
axis.) [From von Hevesy, Z. Elektrochem ., 34, 463 (1928)]. 


I s re 



increases, according to the figures at the right again evidencing 
the transition toward the metallic bond. 

At the crest of the curve, in the region of extreme loosening 
of the lattice, the compounds are polymorphic, perhaps to some 
extent, as a result of this loosened bond. There are two crystalline 
forms of Agl, Ag 2 S, and Ag 2 Te, and the transition from the ionic 
to the metallic bond seems to take place, through these allotropic 
forms, as: 

AgF AgCl AgBr Agl Ag 2 S Ag 2 Te 

a-Agl Ag 2 S Ag 2 Te AgaSb Ag 4 Sn Ag 
Ionic Metallic 

The degeneration of an anion may also be followed through the 
loosening of an ionic lattice and ionic bonds to the formation of a 
molecular lattice and covalent bonds, as shown in Fig. 39. The 
rates of vibration of chlorine are plotted vertically, and the transi¬ 
tion from an ionic to a molecular lattice, as polarization and the 
influence of the covalent bond increase, is shown horizontally. 
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The transition from one extreme type to the other via a loosened 
lattice is evidenced by the high rate of vibration of the anion. 

The mechanism of ionic conduction in solids has received 
considerable attention recently and the crystal structures of 
several compounds with relatively high ionic conductivities have 
been determined. Of these, a-Ag 2 HgI 4 and the high temperature 
form of Agl are the most interesting. 

| 10 2 CdCL 2t PbCl B 

Rate of 
vibration 
of chlorine 


Fig. 39.—The “degeneration ” of a chloride ion to a chlorine atom.through 
the “loosening” of an ionic lattice. [From von Hevesy , Z. Elektrochem., 34 , 
463 (1928).] 

In crystals of a-Ag 2 HgI 4 , with which Cu 2 HgI 4 is isomorphous, 1 
the iodine atoms form a face-centered cubic lattice, in the four 
second largest interstices of which the two silver and one mercury 
atoms are statistically distributed. The structure is thus 
characterized by empty lattice points, to which the metal ions 
may move and thus carry the current. 

The structure of Agl, stable above 145.8°C. is said to be even 
more unusual. 2 The iodine ions are no longer in closest packing 
but are on a body-centered cubic lattice. Intensity measure¬ 
ments suggest that the two silver atoms in the unit cell are dis¬ 
tributed in 42 discrete symmetrical openings in the anion lattice, 
i.e. y the silver is free to take up any space available and move 
freely from one space to another. In a very real sense the silver 
is no longer in the solid state, for it is truly fluid, the rigid iodine 
lattice being responsible for maintaining the structure. Ag 2 S and 
Ag 2 Se are said to have structures similar to a-Agl. 8 

1 Ketelaar, J. A. A., Z. physik. Chem B 26, 327 (1934); Z. Krist. f 87, 
436 (1934). 

1 Strock, L. W., Z. physik. Chem ., B 28, 441 (1934); B 81, 132 (1936). 

* Rahlfs, P., Z . physik . Chem. t B 31, 157 (1936). 


!0: 5 NclCI 


Ionic 

ions 


SbCCj /O' 



Molecular Crystal Type 
atoms-molecules building stones 
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AgBr, although it does not crystallize in an “empty space” 
lattice (other spaces between bromine atoms are not large enough 
for silver atoms), is a reasonably good conductor. When AgBr 
acts as a conductor, the silver atoms are said to migrate into inter¬ 
lattice space, leaving empty spaces in the silver lattice, while the 
bromide atoms do not move. 1 

Thus, the picture which has been drawn of these structures 
bears a certain formal resemblance to the metallic state. In the 
latter, electrons are free to move about somewhat in a lattice of 
positive ions, and electronic conductivity results. In crystals of 
the a-Agl type particularly, metallic cations are relatively free 
to move about in a lattice of negative ions, and ionic conductivity 
takes place. 

Metallic, or electron conduction in salts must depend upon 
electrons released from their usual participation in ionic or 
homopolar bonds. Marked photoelectric conductivity, there¬ 
fore, may be anticipated for those crystal lattices in which elec¬ 
trons in the bond are already loosened. It is these electrons 
which may be loosened still further, under the influence of light, 
to the point where they take part in metallic conduction. Accord¬ 
ingly, the data in Table 88 are entirely in accord with what we 
should expect; the salts in which conductivity may be induced by 
light are those of B cations and easily polarized anions, salts in 
which a covalent bond becomes influential* 



• Gvddbk, B., and R. Pohl, Z. Phy%ik\ It, 42 (1023). 


1 Wagner, C., and J. Beyer, Z. physik. Chem B 32,113 (1936), 
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Photosensitivity. —Without question, the marked photosensi¬ 
tivity of the silver halides bears some relation to their loosened 
lattice structure. It is interesting to recall that ZnS, a part of 
lithopone, darkens on exposure to light but regains its white color 
when kept in the dark. Various explanations have been offered 
for this very practical difficulty. In this case also the photo¬ 
sensitivity probably is related to a loosened, intermediate bond. 

Properties of NiAs and FeS 2 Structures. —Until now, our 
discussion has been principally of ionic crystals. It has been 
shown incidentally that molecular crystals are relatively weak, 
and in Table 74 the suggestion is given that crystals of the NiAs 
and FeS 2 structures are weaker, other things being equal, than 
ionic or covalent crystals. The crystals of this type are also 
insoluble in water, since they do not ionize readily. They are 
apt to be soft. Their metallic properties are striking; they tend 
to be opaque with metallic luster, and, perhaps most characteristic 
of all, they are able to dissolve an appreciable excess of either 
component. By their electrical properties they may be dis¬ 
tinguished both from ionic and from metallic compounds. Their 
electrical conductivity is appreciable—which is not true of most 
ionic compounds. In contrast to metallic compounds, however, 
their conductivity increases rapidly with the addition of impuri¬ 
ties; whereas in a metallic compound, the conductivity is a maxi¬ 
mum when it is pure and decreases rapidly as impurities are 
added. 

Atomic Crystals of Binary Compounds. —Normal covalent 
crystals—and it is by now apparent that there are very few among 
the inorganic binary compounds—are relatively strong, as 
evidenced by the yardsticks used in this discussion, viz., hardness, 
melting points, solubility, and so on. SiC, TiC, ScN are typical 
examples. 

Summary. —The influence of the structure of a crystal and of 
the size, valence, and electronic structure of its building stones 
upon some of the physical and chemical properties of binary 
compounds, has been considered at length. 

These relationships, dealing mainly with ionic crystals, may be 
summarized briefly as follows: 

1. Lattice energy, the measure of the tendency of an ionic 
crystal to break down into ions, 
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a. Increases with decreasing size of the cation. 

6. Increases with decreasing size of the anion. 

c. Increases with decreasing interionic distance. 

d . Increases with valence. 

e . Is greater for B cation compounds than for those with A cations. 

2. Heat of formation, a measure of the tendency of a crystal 
to break down into atoms or molecules, 

o. Increases with increasing size of the cation. 

b. Increases with decreasing size of the anion. 

c. Increases with valence. 

d. Is greater for compounds of A cations than for those of B cations. 

3. Compressibility, a measure of resistance to compression, 

o. Is greater, the farther apart the ions or atoms in a crystal. 

b. Is greater, the less close packed the structure, the lower its coordination 
number. 

c. Decreases as polarization or valence decreases. 

d. Decreases as the influence of the covalent bond increases. 

4. Hardness, a measure of the resistance to deformation, 

a. Increases with decreasing interionic or interatomic distance. 

b. Increases with valence. 

c. Is greater for compounds of A cations than for those of the B cations. 

5. Melting point, a measure of the resistance to disruption by 
heat, 

a. Increases with decreasing size of the anion. 

b. Varies irregularly with the size of the cation until corrected for the 
radius ratio effect. 

c. Increases with valence. 

d. Is greater for compounds of A cations than for those of B cations. 

e . Is lower for layer lattices than for typical ionic lattices; and is lowest 
for molecular crystals. 

/. Decreases as the number of anions per cation in the compound 
increases, i.e ., depends upon the crystal environment. 
g. Is lower for the NiAs and FeS 2 structures than for ionic lattices, other 
variables being equal. 

6. Solubility in water, a measure of the resistance of an ionic 
lattice to disruption by the hydration of its ions, 

a. Increases, in general, with increasing size of the anions. 

b. Increases frequently with increasing size of the cations; the correlation 
is not perfect. 
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c. Decreases with increasing valence of both ions in strictly ionic crystals; 
increases with increasing valence if layer or molecular lattices are 
formed. 

d. Is less for compounds of A cations than for those of B cations if the 
anion is less easily polarized than is water. 

e. Is greater for compounds of A cations than for those of B cations if 
the anion is more easily polarized than is water. 

/. Is greater for layer and molecular lattices than for ionic lattices. 

7. Hydrolysis is dependent upon the strong deformation of the 
hydroxyl ion, and the tendency to hydrolyze 

o. Increases with decreasing size of the cations. 

b. Increases with increasing valence of the cation. 

c. Is greater for the compounds of the B cations than for those of the 
A cations. 

8. Acidity and basicity, 

a. The acidity of a positive element increases as its attraction for electrons 
increases, thus 

b. Other things being equal, a B cation is less basic than an A cation. 

9. Properties of the “loosened” bond. 

Certain properties characteristic of compounds of B cations, 
or cations of the transition elements, with easily polarized anions, 
imply that certain of the electrons have become more or less 
loosened. This tendency is manifested by the following proper¬ 
ties of such compounds. 

а. Color. 

б. Conductivity by ionic diffusion—loosened ions, rather than electrons. 

c. Polymorphism. 

d. Photoelectric conductivity. 

6. Photosensitivity. 

The foregoing summary refers principally to crystals with 
ionic or covalent-ionic bonds. The influence of bond type upon 
the properties of crystals may be summarized briefly as follows: 

1. The ionic bond. Strength and related properties depend upon the 
size, valence, and electronic structure of the ions and, in many cases, upon 
the crystal structure. 

2. The covalent-ionic bond. These crystals are weaker, owing to the 
“loosened” bond, except that they are more resistant to ionization, there¬ 
fore less soluble. They tend to be colored and may be photosensitive. 

3. The covalent-metallic bond, the NiAs and FeS* structures. Properties 
are a mixture of those of the two pure types. They are usually less soluble, 
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but otherwise weaker than ionic crystals. They bear a resemblance to 
metals; are apt to be opaque and show a metallic luster and considerable 
metallic conductivity which increases with their degree of impurity. They 
can dissolve *an excess of either constituent. 

4. The covalent bond in atomic crystals. The strength and related 
properties are apt to be greater than for ionic compounds, but of the same 
order of magnitude. 

5. The molecular bond. Weak crystals. Low melting points, soft; the 
melts are nonconductors. Hydrolyze readily. Soluble in nonionizing 
(molecular) solvents. 



CHAPTER VII 


THE STRUCTURES OF TERNARY COMPOUNDS 

The crystal structures of the ternary compounds are governed 
by the same principles as are those of the simpler binary com¬ 
pounds. The building stones may be ions, atoms, or radicals. 
In a compound of the general type A m (BX n ) v , the ionization 
potential of B will determine, in large part, whether or not a 
radical is formed. 

In general, the crystalline structures of the ternary compounds 
are characterized by lower symmetry than are those of the 
binary compounds. In the latter, cubic and hexagonal crystals 
predominate; while crystals of the ternary compounds are more 
often rhombic, rhombohedral, monoclinic, or triclinic. The 
substitution of a nonspherical radical for a more or less spherical 
single atom or ion is largely responsible for this lower symmetry. 
In order to replace the spherical 0“ in a model of a crystal of 
CaO, for example, by a flat, triangular C0 3 “ radical, it is neces¬ 
sary to stand the cubic model on one corner with the cube 
diagonal perpendicular and flatten it somewhat. Thus the c 
axis is made shorter than the a and b axes, and a rhombohedron 
is formed. When this is done, space is made available for the 
substitution, and the model of crystalline calcite results. Similar 
adjustments must be made in actual crystals so that the atoms 
or ions may be arranged in the closest possible packing and the 
most stable configuration. It may, therefore, simplify the dis¬ 
cussion somewhat to keep in mind that, in a sense, the crystal 
structures of the ternary compounds are usually cubic or hexag¬ 
onal structures which have been distorted to accommodate non¬ 
spherical building stones. 

In binary ionic compounds of the type A m X nj it is possible to 
define the general structure reasonably well from the Ra'-Rx 
ratio, which determines the coordination number of the crystal; 
and from a knowledge of the polarization properties of A and X , 
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and the types of bonds between them. To establish the influence 
of size upon the structure of ternary ionic crystals, it is advanta¬ 
geous to consider the radius ratios R A '-Rx, Rb:Rx and R A :R B - 
But not all the building stones in ternary crystals are ions, and 
the use of ionic radii to predict coordination numbers must be 
approached with caution. 

The nature of the forces within radicals has been the subject 
of much discussion. There is no reason to believe that they are 
pure ionic bonds; the small, highly charged central ion has too 
great an ionization potential. Until recently, the conception of 
polarized ions and polarized ionic bonds was generally favored in 
dealing with radicals. 1 However, with the rapid development 
of the wave-mechanical interpretation of chemical bonds, it 
has been helpful to treat radicals in terms of covalent binding. 

Pauling has treated the carbonate and some other radicals 
from the standpoint of the covalent bond, 2 but he does not imply 
that the bonds are normal. It is suggested that “if one atom 
is more electronegative than the other, the wave function can 
be formed by adding to the normal covalent bond-wave function 
an additional ionic term.” 3 Slater 4 has also shown that many 
of the common radicals may be interpreted in terms of the 
electron-pair bond. From energy considerations, however, he 
suggests that, although the assumption of covalent bonds yields 
a lower energy value for the nitrate radical, the energy calculated 
assuming an ionic bond is sufficiently low to justify the conclusion 
that the ionic term is appreciable in the actual bonding force. 

Mulliken treats a molecule or radical, not as a group of atoms 
or ions with a definite number of electron pairs, but as a set of 
nuclei surrounded by an electron configuration similar to that 
of a free atom in an electric field. 6 This, of course, is the most 
precise way to approach the matter from the physical standpoint, 
but the results obtained are not so easy for the chemist to apply 

1 See for example, Goldschmidt, V. M., Trans. Faraday Soc., 25, 253 
(1929); and elsewhere; Fajans, Kasimir, Z. Krist., 61, 18 (1925); “Radio 
Elements and Isotopes,” Cornell University Press, Ithaca, N. Y., 1931; 
Zachabiasen, W. H., J. Am. Chem. Soc., 63, 2123 (1931). 

* Pauling, Linus, J. Am. Chem. Soc., 53, 1367 (1931). 

8 Pauling, Linus, J. Am. Chem. Soc., 54, 3570 (1932). 

4 Slater, J. C., Phys. Rev., 37, 481 (1931); 38, 325 (1931). 

‘ Mulliken, R. 8 ., Phys. Rev., 40, 55 (1932); 41, 49 (1932). 
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as are those derived by Pauling’s somewhat less rigorous treat¬ 
ment. Mulliken’s viewpoint is not concerned with the nature 
of bonds between atoms or ions but deals only with the interac¬ 
tions of all the electrons around all the nuclei. His treatment 
does, however, imply the existence of an ionic term in the bonding 
energy between atoms . 1 

Based on a consideration of the available evidence, therefore, 
we shall picture the radicals of the oxygen acids as groups of 
atoms held together by bonds essentially covalent but with an 
ionic term of small magnitude. 

It follows that the coordination number of the central atom 
in a radical will be limited by the number of electron-pair bonds 
which can be formed. Thus, the elements of the first short 
period, having a maximum of 8 electrons in the L shell, can form 
no more than four covalent bonds. When the central atom forms 
covalent bonds by building up an 18-electron shell, more than 
four such bonds may exist. However, the mutual repulsion of 
overlapping electron clouds of oxygen atoms may affect the 
stability of the group and limit the coordination number still 
further. Thus the sizes of B and X and the R B :R X ratio become 
important in predicting the structure of radicals. 

This raises the question as to the proper numerical values 
to be used for the radii in computing the R B :R X ratios if, indeed, 
it is reasonable to treat the relationship quantitatively. In 
the CO 3 "' group, the radius of oxygen indicated by the C-O 
distance is less than 0.60 A; the radius indicated by the 0-0 
distance in the same group (2.18 A) is about 1.09 A; whereas its 
radius in the direction of the cations is approximately the normal 
ionic radius, 1.40 A. Obviously, even though the C-0 bonds are 
thought to be essentially covalent, atomic radii do not fairly 
represent the conditions which determine the packing charac¬ 
teristics of the atoms. 

Some of the most successful attempts to systematize the 
coordination numbers in radicals have been made by treating 
the radicals as though their bonds were ionic. However, experi¬ 
mental confirmation of predictions based on this interpretation 

1 For a more detailed discussion of the molecular orbit theory and the 
Heitler-London-Pauling-Slater treatment see J. H. van Vleck, and A. 
Sherman, Rev. Modern Phys 7, 224 (1935). 
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does not* necessarily verify the existence of ions in radicals. 
Many years ago Kossel 1 calculated the energy involved in the 
combination of oppositely charged ions to form a complex ion or 
radical. His method was a simplified one, proceeding on the 
assumption that all ions are spherical and that only coulomb 
forces are involved in the attraction and repulsion of these ions. 
Using this approximation, Kossel found the following to be the 
most stable coordinations of negative ions around a central ion 
of approximately the same size: 


Central ion of charge 4*2 coordinates 4 univalent negative ions 

Central ion of charge -j-3 coordinates 4 univalent negative ions 

Central ion of charge +4 coordinates 6 univalent negative ions 

Central ion of charge +5 coordinates 8 univalent negative ions 

Central ion of charge 4-2 coordinates 2 divalent negative ions 

Central ion of charge 4-3 coordinates 3 divalent negative ions 

Central ion of charge 4-4 coordinates 4 divalent negative ions 

Central ion of charge 4-5 coordinates 4 divalent negative ions 

Central ion of charge 4-6 coordinates 4 divalent negative ions 

Central ion of charge 4-7 coordinates 6 divalent negative ions 

Central ion of charge 4*8 coordinates 6 divalent negative ions 


Examples 

K 2 BeF4 

KBFi 

KtSiF# 

None known 

H 3 BO 3 

K 4 Si0 4 

K,P(K K 3 SbS 4 
k 2 so 4 

HUO« 

Cs 2 Os0 4 Fj 


The coordination of negative ions around a central ion, as 
listed above, is derived purely from energy calculations, assuming 
that both ions are of approximately the same size. Geometrical 
limitations have not been considered. When the radii of the 
positive and negative ions differ, there is no fundamental differ¬ 
ence in the reasoning, but the familiar influence of relative sizes 
and the radius ratio come into play. The maximum coordination 
number in any given case depends not only upon the charge of 
the central ion, but also on the relative sizes of the ions. Thus, 
the small B +3 coordinates only four F~, whereas the larger A1+ 3 
holds six F~. Although energy calculations would permit a 
five positive ion to coordinate eight univalent negative ions the 
number is geometrically limited to six. 2 Although a four positive 
central ion is, from the energy standpoint, most stable with four 
coordinated divalent negative ions, there is room for only three 

1 Kossel, W., Ann, Phys ., 49, 229 (1916). 

* Apparent exceptions are (NH 4 ) 3 ZrF 7 and H 4 PbF 8 . In (NH 4 ) 3 ZrF 7 only 
six F“ are coordinated by the Zr+ 4 . The structure of (NH 4 )*ZrF 7 closely 
resembles that of KMgF*. ZrFr groups and Mg + + ions occupy corre¬ 
sponding lattice points, as do NH 4 + and F~. When the formulas are written 
KMgFi and F(ZrFe)(NH 4 )*, the reason for the approximate isomorphism is 
suggested. Hassel, O., and H. Mark, Z . Physik, 27, 89 (1924). 
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0“ around the small C+ 4 , whereas the larger Si* 4 coordinates 
four 0". Usually four is the maximum number of* divalent 
negative ions coordinated by any central ion. H*TeO«, E^IO«, 
and Ag 4 GeS 6 are apparent exceptions. 

Considerable success in predicting the coordination numbers 
of the small central atoms in radicals has been obtained through 
the application of the univalent radii, first used by Pauling. 1 
These radii represent the relative extension in space of the outer 
electron shells of the ions. The usual coordination numbers 
of the central atoms in radicals, as indicated by the ratio of the 
univalent radii, are shown in Table 89. This table of coordina¬ 
tion numbers proves to be very useful (1) for the classification 
of known acids and salts, (2) for the critical evaluation of the 
formulas of complex salts, and (3) for the prediction of the prob¬ 
able existence of salts not yet isolated. It is recognized, for 
example, that B +3 , C +4 , and N+ 6 form the radicals B 03 - *, CQ*~ 2 

Table 89.—Ratios of Univalent Radii: Cation/Oxygen* 


Be++ 

0.25 

|B+ 3 

0.20 

C +4 

0.17 

N+5 

0.14 


ROs region 

Mg ++ 

\ Al +3 

su 4 

p+5 

S+ 6 

C1+ 7 

R0 4 region 

0.48 

0.41 ^ 

0.37 

0.34 

0.31 

0.28 


Zn++ 

Ga +3 

Ge+ 4 

1 As +5 

Se+« 

Br +7 

Kr +8 

0.50 

0.46 

0.43 

0.04 

0.37 

0.35 

0/33 

Cd + + 

In +3 

Sn+ 4 

Sb +5 

Te+« 

I+ 7 

Xe +8 

0.65 

0.59 

0.55 

0.51 

ROe region 

0.47 

0.44 

0.42 


* Paulino, Linus, J. Am. Chem. Soc., 54 , 1895 ( 1933 ). 

and N0 3 “. Although H 4 Si0 4 and H 3 P0 4 are known, H 4 C0 4 and 
H 3 NO 4 are not known to exist as such, probably because C+ 4 
and N+ 5 are not large enough to coordinate four 0“. B+ 3 , the 

largest of the three, is able to form B0 4 -6 when it is stabilized 
by a surrounding shell Wi20i 8 (0H) 3 6 (see page 300). In the 
crystalline metaborates, viz., Ca(BC> 2 ) 2 , B+ 3 is actually sur¬ 
rounded by three 0~. 2 In potassium pentaborate, KB 6 08-4H*0, 
it appears that four of the borons have C.N. 3 and the fifth, 
C.N. 4. 8 The C.N. 4 in the BXi group is consistent with such 

1 Pauling, Linus, /. Am. Chem. Soc., 49 , 765 (1927); 54 * 1895 (1933). 

3 Zachariajsen, W. H., Proc. NaU. Acad. Set., 17, 617 (1931). 

3 Zachariasen, W. H., private communication. 
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well-known compounds as H 4 Si0 4 , H 3 P0 4 , HC10 4 , H 3 As0 4 , 
H 2 Se0 4 , and Be(H 2 0) 4 S0 4 . In radicals such as C1 2 0 7 , P 2 O 7 , and 
S 2 O 7 , there are two oxygen tetrahedra having one corner in com¬ 
mon and the positive ions at the center. I +7 , near the minimum 
radius ratio for C.N. 6 is found in KI0 4 but usually in compounds 
like H&IOe, Ag 5 I0 6 , etc. Compounds like CaSn0 3 crystallize 
in the perovskite structure, in which each Sn +4 coordinates six 
0"“. Na 2 Sn0 3 -3H 2 0 should really be written Na 2 Sn(OH) 6 . 

The practical usefulness of the concept of univalent radii and 
coordination numbers is nicely illustrated by its application to 
the structural formulas of the antimonates. 1 The formula 
K 2 H 2 Sb 2 0 7 *£H 2 0, given for potassium antimonatc in many older 
books, and KSb0 3 , as sometimes assigned, are both inconsistent 
with the chemical properties of the compound, as has been 
pointed out by Mellor in his treatise. He suggests the formula 
KH 2 Sb0 4 , consistent with the knowledge that the anion is singly 
charged and the salt gives an acid reaction. The ionic radii of 
Sb +5 and 0“, however, suggest a C.N. 6 for the former, and 
Pauling has proposed the formula KSb(OH) 6 , which is consistent 
with the amount of water of crystallization found in most 
antimonates. 

Although the covalent bond conception is being used with 
increasing success in predicting structures through the charac¬ 
teristic directional properties of these bonds, it must be admitted 
that the quantum mechanical treatment of the covalent bond 
has not yet been developed to predict coordination numbers, 
except in those cases where the directional properties are peculiar 
to this type of binding. Until energy calculations have been 
made showing the instability of four oxygens around a central 
carbon atom, no positive, direct evidence of the nonexistence 
of the C0 4 group will have been furnished by the covalent bond 
viewpoint. 

When one visualizes a radical, the COs”*, for example, sipiply 
as an assemblage of four nuclei around which the electron 
distribution may be represented in a rather definite way, the 
nature of the C-0 bond need not be specified. However, the 
C-0 and 0-0 distances are definite and may usually be deter¬ 
mined experimentally. These factors, of course, control the 

1 Paulino, Linus, J. Am. Chem. 80 c., 64, 1895 (1933). 
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packing of oxygens around a central atom, and, in the last analy¬ 
sis, they are the criteria which should be used, rather than a 
radius ratio based on radii established arbitrarily by a definition 
of the nature of the C-0 bond. 1 But it is easier to systematize 
the arrangement of atoms in crystals if one is permitted to 
visualize the packing of more or less spherical units with definite, 
though arbitrary radii. The use of the univalent radii is justi¬ 
fied empirically by the results obtained. 

The Structures of ABX S Compounds.—In Table 90, the 
Ra'-Rx, RbiRx, and Ra'.Rb ratios are lifted for a large number of 
ABX& crystals. The compounds have been arranged first in 
the order of increasing size of the central atom B (using univalent 
radii) and have been divided into three classes on this basis. 
Within each class they are arranged in order of the increasing 
radius of A. Assuming that A , B ) and X are rigid spheres, it 
will be recalled that the number of X which can be packed around 
and touching A or B, and the arrangement of the packing, 
depend upon the relative radii of A or B and X , as shown in Table 
1, Chap. I. That these same simple packing considerations, so 
useful in classifying the structures of the binary compounds, 
serve reasonably well for the prediction and organization of the 
more complicated structures of ternary compounds is shown 
in Tables 91 and 92. Radius ratios are based on univalent 
radii. The great majority of the ABXz compounds crystallize 
in one or more of the nine structures listed in these tables. 

1 The experimental C-0 distance (approximately 1.31 A) in CO s “ n>ay be 
accounted for in one of three ways: 

1. The sum of the ionic crystal radii, 1.51 A corrected for a decrease in 
coordination number from 6 to 3, gives the value 1.28 A (a contraction of 
about 15 per cent, see Chap. II). 

2. The sum of the univalent radii, 2.01 A, corrected for valence and 
coordination number gives 1.25 A. See Chap. II, p. 50: 

To correct for valence, R univ = R t n \/ziZ 2 
(see Table 20) 2.01 = R X 1.468 

R = 1.37 A 

To correct for coordination number, 1.37 A X 0.91 = 1.25 A 
(see Table 19) 

3. The sum of the covalent radii, corrected for double and single bond 
resonance is 1.28 A. Pauling, Linus, and M. L. Huggins, Z. Kristy 87, 
227 (1934). 
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Table 90. —Structure Classification of Some ABX t Compounds 


Compound 

Structure 

Ra , A 

Rb, A 

Rx , A 

Radius ratios of 
univalent radii 

1 

2 

1 

2 

1 

Ra:Rx 

Rb:Rx 

Class I: 

IiNOa.. 

Calcite 

0.68 

0.68 

0.30 

0.11 

1.76 

0.39 

0.17 

0.17 

NaNOs. 

0.98 

0.98 

0.30 

0.11 

1.76 

0.66 

MgCOa. 


0.86 

0.71 

0.33 

0.15 

1.76 

0.48 

0.19 



0.74 

0.33 

0.15 

1.76 

0.19 

FeCOa. 



0.76 

0.33 

0.15 

1.76 


0.19 

MnCOa. 



0.80 

0.33 

0.15 

1.76 


0.19 

CdCOa. 



0.97 

0.33 

0.15 

1.76 


0.19 

CoCOa. 



0.72 

0.33 

0.15 

1.76 


0.19 

AgNOa (high). 



1.13 

0.30 

0.11 

1.76 


0.17 



1.33 

1.33 

0.30 

0.11 

1.76 

0.75 

0.17 

0.19 

CaCOa (low). 


1.17 

0.98 

0.33 

0.15 

1.76 

0.66 

CaCOa (high). 

Aragonite 

1.17 

0.98 

0.33 

0.15 

1.76 

0.66 

0.19 

KNOa (nigh). 

1.33 

1.33 

0.30 

0.11 

1.76 

0.75 

0.17 

SrCOa. 


1.33 

1.16 

0.33 

0.15 

1.76 

0.75 

0.19 

PbCOa. 


1.21 

0.33 

0.15 

1.76 

0.19 

BaCOa. 


1.61 

1.31 

0.33 

0.15 

1.76 

0.85 

0.19 

RbNOj. 

RbNOa 

1.48 

1.48 

0.30 

0.11 

1.76 

0.84 

0.17 

CaNOa. 

1.67 

1.67 

0.30 

0.11 

1.76 

0.95 

0.17 

TINOa. 


1.44 

0.30 

0.11 

1.76 

0.17 






Class II: 

NaClOa. 

NaClOa 

0.98 

0.98 


0.39 

1.76 

0.56 


NaBrOa. . 

0.98 

0.98 


0.53 

1.76 

0.56 


AgClOa* (high). 


1.13 


0.39 

1.76 


AgClOa (low). 

AgClOa 





AgBrOa. 




0.53 

1.76 



KClOa. 

KClOa 

1.33 

1.33 


0.39 

1.76 

0.75 


RbClOi. 

1.48 

1.48 


0.39 

1.76 

0.84 


CsClOa. 


1.67 

1.67 


0.39 

1.76 

0.95 


KBrOa. 

KBrOa 

1.33 

1.33 


0.53 

1.76 

0.75 


RbBrOa. 

1.48 

1.48 


0.53 

1.76 

0.84 


CsBrOa. 


1.67 

1.67 


0.53 l 

1.76 

0.95 






Class III: 

MgTiOa. 

Umenite 

0.86 

0.71 


0.62 

1.76 

0.48 

0 52 

FcTiOi. 


0 75 


0.62 

1 76 

0.52 

MnTiOa. 



0.80 


0.62 

1.76 


0.52 

LiCbOa. 


0.68 

VjwjtjS 


0.67 

1.76 

0.39 

0.56 

NiTiOa. 



■lX!PX 

0.62 

1.76 

0.52 

CdTiOa (high). 



0.97 

0.92 

0.62 

3.76 


0.52 

CdTiOa.. 

, 

Perovskite 


0.97 

m 

0.62 

1.76 


0.52 

CaTiOa. 

1.17 

0.98 

0.92 

062 

1.76 

0.66 

0.52 

i CsTiOa. 


1.67 

1.67 

0.92 

0.62 

1.76 

0.95 

0.52 

KlOa. 


1.33 

1.33 

0.94 

1.76 

0.75 

KCbOa. 


1.33 

1 33 

0.99 

0.67 

1.76 

0.75 

0.66 

0.66 

0.56 

0.61 

CaZrOa. 


1.17 


1.08 

0.78 

1.76 

CaSnOa. 


1.17 


0.71 

1.76 

0.55 

YAlOa. 


mmtm 


0.75 

0.61 

1.76 

0.67 

0.43 

KMgFa. 


1.33 

1.33 

0.85 

0.71 

1.33 

0.75 

0.48 

KiViri. ..... 


1.33 

1.33 

0.69 

1.33 

0.75 

0.95 

0.95 

CsCdBra. 


1.67 

1.67 


0 97 

1.96 


CtCdCla. 


1.67 

1.67 



1.81 







1 - univalent radii; 2 - crystal radii. 
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Radicals exist as discrete building units in the crystal lattices 
of the Class I and Class II structures. The number of nearest 
neighbors X surrounding each ion B (i.e., the coordination 
number of B ) is the same as the stoichiometrical number of X ions 
in each molecule. In Class III, with each B surrounded by six X 9 


Table 91.— Classification of ABX 3 Structures on the Basis of RbiRx 




C.N. of B 

\ 


Class 

Rr.Rx 

i 

Pre¬ 

dicted 

Actual 

Structure types 

I 

0.17-0.19 

3 

3 

Calcite, aragonite, RbNO, 

II 

0.40 (estimated) 

4 

3 

NaClOa, KCIO,, KBrO,, AgCiO, 

III 

0.52-0.61 

6 

6 

Perovskite, ilmenite 

IV 

0.36 

4 


AP0 3 , ASiOa—none with BX 3 
radical known 


Table 92.— Classification of ABX 3 Structures on the Basis of 

Ra : Rx 




C.N. of A 


Class 

Ra ' Rx 

Pre¬ 

dicted 

Actual 

Structure types 

I 

(0.39) 0.48-0.75 

1 

; e 

6 

Calcite 


0.66-0.85 

8 

9 

Aragonite 


0.95 

8 


RbNOa 

II 

0.56 

6 

6 

NaClOa 

AgClOa 


0.75-0.95 

8 

9 

KCIO 3 , KBrO, 

III 

(0.39) 0.48- 

6 

6 

Ilmenite 


(0.56) 0.62-0.95 j 

8 

12 

Perovskite 


it is impossible to conceive of BX 3 radicals in the crystal as 
such. The situation is somewhat analogous to that which 
obtains for the molecular lattice of a binary compound. In the 
series NaF, MgF 2 , A1F 3 , SnF 4 , for example, the molecule exists 
as a structural unit only in SnF 4 , when the number of fluoride 
ions coordinated to the cation is equal to the stoichiometric 
number of fluoride ions in the compound* 
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Structures of Class I.—The calcite, aragonite, and RbN0 3 
structures are very similar in their general features, and their 
structural transition, in that order, is strictly logical. 1 Their 
structural classifications are: rhombohedral, orthorhombic, and 
orthorhombic, respectively. To the uninitiated, however, it is 
often surprising to realize how minute a change in the arrange¬ 
ment of the building stones may be involved in this change of 
crystallographic system. Calcite, described on page 22 and 
illustrated in Fig. 6, Chap. I, is a NaCl structure which has been 
distorted by the replacement of spherical Cl- by triangular 
C0 3 “ groups. X-ray data suggest that the carbon atom lies at 
the center of an equilateral triangle of oxygen atoms, all four 
atoms being in the same plane. This arrangement is consistent 
with the prediction from univalent radius ratios. If the bonds 
are conceded to be covalent, a derivation of the directional 
properties of these bonds leads either to the coplanar group, 2 
or to one in which the carbon is oscillating slightly above and 
below the plane of the oxygens, the time average being, again, a 
coplanar group. 3 In aragonite, the only important change is a 
rotation of the C0 3 “ groups through 30 deg., with respect to 
their positions in calcite, 4 in order to make room for the larger 
cations A (see Fig. 40). The resulting arrangement may be 
considered a distorted NiAs lattice. The nine nearest oxygen 
neighbors are not equidistant from each A ion, so that the C.N. 9 
is to be taken as an idealized value. 

RbN0 3 differs from calcite principally in the orientation of 
the N03-groups, of the same size and shape as the CC^ radical. 
In calcite, the plane of the radicals is perpendicular to the cube 
diagonal of the crystal; in RbN0 3 , the birefringence of the crystal 
is best explained on the assumption that the NO^ groups do 
not all lie in parallel planes. Again, the realignment of these 
disk-shaped radicals is necessitated by the need for larger spaces 
to accommodate the larger cations. 

1 For a detailed description of these and all other structures discussed in 
this chapter, see R. W. G. Wyckoff, “The Structure of Crystals,” 2d ed., 
Reinhold Publishing Corporation, New York, 1930, and 2d ed. Supplement, 
1934. 'Also 4?. P. Ewald and C. Hermann, “Strukturbericht,” Akademische 
Verlagsges., Leipzig, 1931, and later volumes. 

* Slater, J. C., Phys. Rev., 38, 325 (1931). 

* Pauling, Linus, J . Am. Chem. Soc ., 53, 1367 (1931). 

4 Bragg, W. L., Proc. Roy. Soc. {London ), A 105 , 16 (1924). 
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It is evident that it does not take much to alter the plan of 
the building stones from that of calcite to that of aragonite, 
and the crystallization of those ABXz compounds of certain 
metals of a critical size may be influenced by conditions of tem¬ 
perature and pressure so that they may occur as either calcite 
or aragonite, i.e ., polymorphism is to be expected at these 
critical size values (see Table 90). 

Consider the influence of polarization or of the electron-pair 
bond upon the crystal structures of the Class I, ABXz compounds. 
From the Ra'-Rx ratio, AgN0 3 might be expected to crystallize 
like calcite or aragonite, but actually the form stable at room 



' (a)-Packing of ions in aragonite (b)- Packing of ions in corlcife 

Fia. 40.—Ionic arrangement in the two forms of calcium carbonate. [From 
W. L. Bragg: Proc. Roy. Soc. {London), A 105, 16 (1924), by permission of the 
Royal Society.] 


temperatures is of a lower symmetry than either of these owing 
to the nature of the silver ion. At higher temperatures, AgN0 3 is 
isomorphous with calcite; which suggests that increasing tempera¬ 
ture reduces the influence of polarization or loosens the covalent 
bond, as the case may be. The same influence is at work in the 
case of T1N0 3 , which is isomorphous with RbN0 3 only at higher 
temperatures. 

In Class I crystals the A-X distances are those predicted from 
ionic radii, indicating that the A-X bond is essentially ionic. 

Structures of Class II.—As the central ion B increases in size, 
a new structural class is established when the R B :Rx ratio 
becomes greater than 0.22. The structures of Class II are built 
of ions; a simple cation, as indicated by the A-X distances in 
the crystals and an anion radical. 
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The compounds falling in this class are the bromates and 
chlorates. The general coordination features of their structures 
have been listed in Tables 91 and 92. They differ particularly 
from the Class I structures, however, in the shape of the radical, 
as indicated by X-ray diffraction data. X-ray evidence sug¬ 
gests a planar configuration for the COr and NOr* radicals 
and for the BO 3"" 3 group as found in hambergite, Be 2 (B0 3 )(0H), 1 
and as more recently determined in InB0 3 , ScBOs, and 
YBO3. 2 

The CIO 3 - and Br0 3 ~ groups, on the contrary, are definitely 
pyramidal. It was pointed out some time ago 3 that the planar 
or pyramidal shape of a BX* radical is related to the electronic 
structure of the central ion B. Treating these radicals from the 
covalent standpoint [i.e ., C10 3 as made up of Cl ++ (O -1 ^] Slater 4 
observed that, while C1++ had 2s and 3 p electrons, only the 3p\s 
contribute to valence, forming three bonds which tend to be at 
right angles to each other, thus favoring a pyramidal structure. 
Supposedly the unshared s electrons will be concentrated as 
far away from the 3p’s as possible as suggested also by Mulliken, 5 
who emphasized the existence of two unshared electrons in the 
C10 3 ~ group. 

It follows that all other BXz radicals in which the ion B 
has 2s and 3 p valence electrons should possess the pyramidal form 
of C10 3 “ and Br0 3 ~. Such groups are S0 3 “, As0 3 ~ 3 , Sb0 3 ~ 3 , and 
P0 8 “ 3 , of which the first three have been studied by X-ray 
diffraction, although not in ABXz compounds. 6 

The assumption that the AsS 3 ~ 3 and SbS 3 ~ 3 groups are 
pyramidal in Ag 3 AsS 3 and Ag 3 SbS 3 , respectively, has been 
shown to be compatible with the observed X-ray data. 7 

1 Zachariasen, W. H., Z. Kristy 76, 289 (1931). 

* Goldschmidt, V. M., and H. Hauptmann, Nachr. Ges. Wiss. Gottingen , 
Math.-physik., Klassen , p. 53, 1932. 

3 Zachariasen, W. H., J. Am. Chem. Soc., 63, 2123 (1931). 

4 Slater, J. C., Phys. Rev., 37, 481 (1931); 38, 325 (1931). 

4 Mulliken, R. S., Phys. Rev., 40, 59 (1932). 

• Zachariasen, W. H., and H. E. Buckley, Phys. Rev., 37, 1295 (1931). 
Na^Oj. Bozorth, R. M., J. Am. Chem. Soc., 46, 1621 (1923). AsjO* and 
SbjOi. 

7 Hofmann, W., Z. Krtit., 92, 161 (1935); Harker, D., J. Chem . 
Physics, 4, 38 (1936). 
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Of the Class II structures, AgClOs is of particular interest 
because it again illustrates that increasing temperature appears 
to reduce the abnormal influence of Ag + . According to the 
R a :Rx ratio, AgClOs should be isomorphous with NaClOs, but 
it is only at elevated temperatures that the cubic, NaClOs form 
of AgClOs crystallizes. At room temperatures AgClOs crystal¬ 
lizes in the tetragonal system. 

The possible occurrence of ABXz compounds, in which the 
Rb >Rx ratio lies between 0.22 and 0.41 but the ion B has a com¬ 
pleted outer electron shell, has been discussed by Zachariasen. 1 
Such ions are Be ++ , Si+ 4 , P +6 , V +5 , Ge+ 4 , and As+ 6 . It has been 
found that in all of the compounds of these ions whose structures 
have been analyzed (e.g., BeO, BeAl 2 0 4 , Si0 2 , Ag3?0 4 , YV0 4 , 
Ge0 2 ), the coordination number of the B ion is four. Apparently 
these ions cannot form ABXz structures with BXz radicals; but 
rather with polymerized groups, either chains or closed rings of 
tetrahedra, such as those commonly found in silicates. Alu¬ 
minum metaphosphate, A1(P0 3 )3, although not strictly an ABXz 
compound, illustrates the form the BX 3 radical may be expected 
to take. The structure contains a P 4 0i 2 group; each phosphorus 
coordinates four oxygens tetrahedrally and each tetrahedron 
shares two corners with other tetrahedra and the other two 
corners with A10 6 octahedra. 2 

Structures of Class III.—When the R B :Rx ratio is greater than 
0.41, indicating a coordination of six X ions around each B ion, 
the radical BXz can no longer exist as such. Further evidence 
of this is the predominance of the perovskite structure, a pseudo- 
cubic lattice, suggesting that the problem of packing involves 
only relatively spherical units and not nonspherical complex 
groups. 

The perovskite structure, usually described as cubic, may be 
visualized with ions A at the corners of the cube, X ions face- 
centered, and body-centered B ions. 3 There are then six X 
ions around each B, and twelve X around each A ion. The A-X 

1 Zachariasen, W. H., Skrifter Norske Videnskaps-Akad . Oslo , no. 4 
(1928). 

1 Pauling, Linus, and Jack Sherman, Z. Krist. , 96 , 481 (1937). 

* Wyckoff, R. W. G., “The Structure of Crystals,'! 2d ed., p. 277, 
Reinhold Publishing Corporation, New York, 1930. 
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and B-X distances are the expected interionic distances, the 
B-X distance being about the same as the A-X distance in the 
rutile structure. Most crystals with the perovskite structure are 
anisotropic, showing that they are not truly cubic but are ortho¬ 
rhombic or monoclinic. The degree of distortion may be 
expressed by the so-called “tolerance factor” 1 determined as 
follows: 

For octahedral coordination of X around B y R B : Rx > \/2 — 1 
and Ra + Rx = \/2(Rb + Rx). The radii must be corrected 
for coordination number. The increase in radius when the 
coordination number increases from six to twelve is about 6 per 
cent, whereas the B-X distances in perovskite crystals have been 
found to compare with the A-X distances in rutile crystals— 
about 5 per cent less than the standard radius for C.N. 6 as found 
in the NaCl structure. 2 

The corrected equation, then, is 

1.06 {Ra "t“ Rx) == £\/2[0.95(/2j3 ~h Rx)] f 

where t = the tolerance factor. The perovskite structure 
appears to be stable when the corrected tolerance factor is 
1.00 ± approximately 0.1. Tolerance factors of some of the 
crystals with the perovskite structure are shown in Table 93. 


Table 93.— Tolerance Factors for Some Crystals with the 
Perovskite Structure 


Compound j 

t . 

Compound 

t 

CdTiO, 

0.93 

NaCbOa 

0.90 

CaTi0 3 

0.94 

KCbOa 

1.02 

SrTi0 3 

1.02 

CaZr0 3 

0.90 

BaTi0 3 

1.09 

SrZr0 3 

0.97 

KIO* 

0.90 

KNiFa 

1.00 

RblOa 

0.95 

KZnF, 

0.99 


t » tolerance factor. 


1 Zachariasen, W. H., Skrifter Norake Videnskaps-Akod. Oslo , no. 4, 
p. 152, (1928). 

* This appears to be true only when X = 0". When X » F"“, a univalent 
ion, the B-X distance corresponds to the sum of the radii as found in the 
NaCl structure. 
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Those with a tolerance factor nearest unity are isotropic 
(SrTi0 3 , KNiF 8 , KZnF 3 ); they are of truly cubic symmetry. 
With tolerance factors varying widely from unity (CdTi0 3 , 
CaZr0 3 ), the lack of cubic symmetry is so pronounced that it 
may be detected even from the X-ray diffraction data. 

With a decrease in the Ra'.Rb ratio, i.e., as the A and B ions 
become more nearly the same size, the perovskite structure gives 
way to that of ilmenite, a hexagonal structure closely related 
to that of corundum. When Ra-Rb equals unity, the typical 


C.NofA 
9 


Ra/Rb 
14 

Ra/Rx 12 
10 
8 
6 
4 
2 
0 


l.l 

0.9 

0.4 


Class I Class n 

RbNOj (tlno 3 ) 


Temperature 
Aragonite Ra/Rx 
Ca/cite (AgN0 3 ) 1 KC10 3 -KBrOj 

0.80 

NaClOj (AgClOj) 


Rb/Rx 0.22 


0.41 


C.N.ofB 3 


Class M 


CAT. 
of A 

Perovskite Ra/Rx 12 
Hmenite o.60 6 

Corundum _ 6 


6 


Planar BX 3 Pyramidal No BX 3 

radical BX 3 radical radical 

Fig. 41.—Classification of ABXz compounds according to crystal structure. 


structures of the A 2 X 3 compounds come into the picture. The 
change from the perovskite to the ilmenite structure reduces 
the number of X ions surrounding each A ion from 12 to 6, and 
the transition, perovskite to ilmenite, should occur when the 
Ra'.Rx ratio falls below 0.73. Actually, as may be seen from 
Table 90, for those compounds isomorphous with ilmenite, the 
Ra 'Rx ratio of the A 2 X* type compound is less than 0.60. This 
low Ra-Rx ratio accounts for the transition, perovskite to 
ilmenite (corundum), upon the substitution of a smaller ion A 
in the perovskite structure. Were the Ra'-Rx value of the A 2 X 3 
compound higher, as when the Al 4 * in YA10 3 is replaced by 
Y+ 3 , the transition would be from perovskite to the C-type 
sesquioxide structure; and the replacement of A1+ 3 by La+* in 
LaAlOs would result in a perovskite to A-type sesquioxide 
transition (see Chap. V). 



CRYSTAL CHEMISTRY 


m 


Tabxe 94'. —Classification of- Some ABX« Compounds 


Compound 

Structure 


Radius ratios of 
univalent radii 

Ra 

Rb 

Rx(l), 

A 

Ra : Rx 

Rb:Rx 

1 

2 

1 

2 

CaSO* 

CaS04 

1.17 

0.98 

0.62 

0.29 

1.76 

0.67 

0.35 

NaC104 (low) 


0.98 

0.98 

0.55 

0.26 

1.76 

0.56: 

0.31 

N»C!0« (high) 

KCIO 4 (high) 

0,98 

0.98 

0.55 

0.26 

1.76 

0.56 

0.31 

KClOi (high) 


1.33 

1.33 

0.55 

0.26 

1.76 

0.76 

0.31 

RbCIO* (high) 


1.48 

1.48 

0.55 

0.26 

1.76 

0.84 

0.31 

CsC104 (high) 


1 * 67 

1.67 

0.55 

0.26 • 

1.76 

0.95 

0.31 

NH 4 CIO 4 (high) 



1.50 

0.55 

0.26 

1.76 

0.85 

0.31 

TICIO 4 (high) 



1.44 

0,55 

0.26 

1.76 


0,31 

AgC104 (high) 



1.13 

0.55 

0.26 

1.76 


0.31 

BaSO« 

BaS0 4 

1.51 

1.31 

0.62 

0.29 

1.76 

0.85 

0.35 

Sr SO 4 


1.33 

1.15 

0.62 

0.29 

1.76 

0.75 

0:35 

PbS04 



1.21 

0.62 

0.29 

1.76 


0.35 

KMAO 4 


1.33 

1.33 

0.72 

0.46 

1.76 

0.75 

0.41 

KCIO 4 (low) 


1.33 

1.33 

0.55 

0.26 

1.76 

0.75 

0.31 

RbCIO 4 (low) 


1.48 

1.48 

0.55 

0.26 

1.76 


0.31 

C 8 CIO 4 (low) 


1.67 

1.67 

0.55 

0.26 

1.76 

0.95 

0.31 

NH 4 C10« (low) 



1.50 

0.55 

0.26 

1.76 


0.31 

TICIO 4 (low) 



1.44 

0.55 

0.26 

1.76 


0.31 

KBF 4 


1.33 

1.33 

0.39 

0.24 

1.33 

0.75 

0.29 

Eu SO 4 



1.17 






ZrSiOi 

ZrSi04 

1.08 

0.87 

0.66 

0.44 

1.76 


0.38 

YPO 4 


1.20 

0.93 

0.63 

0.34 

1.76 

0.68 

0.36 

ThSi04 




0.66 

0.44 

1.76 


0.38 

CaCr04 


1.17 

0.98 

0.75 

0.35 

1.76 

0.67 

0.42 

YVO 4 


1.20 

0.93 

0.85 

0.35 

1.76 

0.68 

0.48 

CaW04 

CaW04 

1.17 

0.98 

*0.91 

0.65 

1.76 

0.67 

0.52 

BaW0 4 


1.51 

1.31 

*0.91 

0.65 

1.76 

0.85 

0.52 

CaMo04 


1.17 

Q71 

0.91 

0.62 

1.76 

0.67 

0.62 

BaMoO« 


1.51 

1.31 

0.91 

0.62 

1.76 

0.85 

0.62 

StMo04 


1.33 

1.15 

0.91 

0.62 

1.76 

0.75 

0.52 

PbMo04 



1.21 

0.91 

0.62 

1.76 


0.52 

PbW0 4 



1.21 


0.65 

1.76 



KIO 4 


1.33 

1.33 

0.80 

0.50 

1.76 

0.75 

0.44 

RbI04 


1.48 

1.48 

BE1 

0.50 

1.76 

0.84 

0.44 

L 1 IO 4 


rani 

0.68 

0.80 

0.50 

1.76 

0.39 

0.44 

AgI0 4 



1.13 






KRe04 


1.33 

1.33 



1.76 

0.75 


BPO 4 

BP04 

0.40 

0.24 

0.63 


1.76 

0.24 

0.36 

BA 6 O 4 




0.70 


1.76 

0.24 

0.40 

AIPO 4 

AIPO 4 




0.34 

1.76 

0.42 

0.36 

AlAsO« 


0.75 

0.57 


0.47 

1.76 

0.42 

0.40 


1 “ univalent radii; 2 — crystal radii. * Estimated. 
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The structures of the ABX 8 compounds conform to the rules 
of crystal chemistry which have been found to hold for simpler 
compounds. In general the coordination number of B ions is 
that which is to be expected from a consideration of the Rb :Rx 
ratio. The coordination number of A sometimes differs from 
that to be expected from the size of A . The form in which a 
compound crystallizes depends upon the values of Ra:Rx and 
Rb'.Rxj and upon the nature of the bonding forces, as summarized 
in Tables 91 and 92, and the schematic diagram in Fig. 41. 

The Compounds ABX 4 .—Of the compounds of this general 
formula which have been studied, the majority crystallize in one 
of seven structures: BaS 04 , CaS 04 , CaW 04 , ZrSi 04 , KCIO4 (high 
temperature), MgW0 4 , BP0 4 . We shall find that the structure 
is related to the relative sizes of the building stones. 

From the detailed data of Table 94, a partial list of ABX 4 
compounds, the crystal chemistry of this general group may be 
summarized as in Table 95. 


Table 95.—The Crystal Chemical Classification of the ABX 4 

Compounds 


Rb : Rx 

C.N. of B 

Ra : Rx 

C.N. of A 

Structure type 

Pre¬ 

dicted 

Actual 

Pre¬ 

dicted 

Ac¬ 

tual 

0.31-0.35 

4 

4 

0.56-0.67 

6 

4+4* 

CaSC>4, orthorhombic 

0.31 

4 

4 

(0.56) 0.75-0.95 

8 

(8) 

KCIO 4 (high) cubic 

0.31-0.40 

4 

4 

0.75-1.00 

8 

12 

BaSC>4, orthorhombic 

.52-0.54 

6 

4 (loose) 

0.67-0.85 

6-8 

4 + 4* 

CaW04 

0.38-0.42(0.48) 

4 (-6) 

4 

0.61-0.68 

6 

4+4* 

ZrSiC>4 

0.36-0.40 

4 

4 

0.24-0.42 

4 

4 

BPO 4 (AIPO 4 ) 


* Eight neighbors, but four nearer than the other four. 


In spite of the tetrahedral coordination of the BX 4 ion, which 
is somewhat spherical in shape, the crystallization of ABX 4 
compounds in the cubic system is the exception rather than the 
rule. Orthorhombic and monoclinic crystals prevail. CaS 04 
and BaS04 are NaCl structures which have been distorted, 
probably by the steric hindrance of the tetrahedral BX A group. 
At high temperatures the perchlorates, isomorphous with BaS0 4 
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at room temperatures, crystallize in the cubic high-KC10 4 
structure, a NaCl lattice in which cations A occupy the Na + 
positions and anions BX 4 occupy the Cl~ positions and are, 
according to a recent report, rotating. 1 Evidently, as the 
temperature increases the tetrahedral group becomes more 
nearly spherical in shape, probably because of an “unlocking” 
of the tetrahedra permitted by a slight expansion of the lattice. 
This results in the greater mobility of the group. 2 The transi¬ 
tion, BaS0 4 structure to (high) KCIO 4 structure, then, is caused 
by an increase in temperature and a resulting increase in sym¬ 
metry of the building stones. 

A decrease in the size of A causes the transition BaSC >4 struc¬ 
ture to CaS0 4 structure. These three, BaS0 4 , high-KC 104 , and 
CaSC> 4 , are typical ionic structures in which the BXt radical is a 
well-defined structural unit. 

The transition s ^ ruc ^ ure ^ to CaW0 4 structure occurs 

\CabO 4 structure/ 

as the size of B increases. There are still four X atoms sur¬ 
rounding each B atom, but the B-X distance is much larger and 
the close-knit radical BX* no longer exists. The compounds are 
much less acidic. 

The CaW0 4 , or scheelite lattice, is characterized by its remark¬ 
ably wide range of stability. The size of the ion A which can 
be accommodated ranges from Li + (0.68 A) to NH 4 + (1.50), 
and the Ra'Rx ratio from 0.64 to 0.85. Some structures seem 
much more “elastic” than others and are able to tolerate much 
wider changes in the sizes of the ions; and the CaW0 4 structure 
is one of these. 

Although the positions of the oxygen atoms in the MgWO< 
structure 3 have not been established with certainty, it is rea¬ 
sonably safe to say that in this structure the cations A occupy 
smaller spaces between oxygens than they do in CaW0 4 and may 
even exhibit a lower coordination number. 

1 Finbak, C., and O. Hass el, Z. physik. Chem ., B 32, 130 (1936). 

2 That form of NH 4 NO 3 stable at highest temperature gives the simple 
diffraction pattern of CsCl, best explained on the assumption that the 
NO 3 ” and NH 4 + radicals are rotating. 

Hendricks, S. B., E. Posnjak, and F. C. Kracek, J. Am. Chem. Soc. t 
64, 2766 (1932). 

a Said to be the structure of ZnW0 4 , FeW0 4 , MnW0 4 , NiW0 4 , CoW0 4 . 



THE STRUCTURES OF TERNARY COMPOUNDS 277 


The transition CaW0 4 structure to ZrSi0 4 structure is probably 
influenced in large measure by the nature of the bonds, as well 
as by the relative ionic radii. Both the A and B ions, particularly 
the latter, are generally smaller in the ZrSi0 4 structure, and both 
tend to be highly charged and equally prone to form the covalent 
bond with oxygen. 

In sharp contrast to the flexible scheelite lattice, the symmetry 
of zircon appears to involve rather exacting volume requirements, 
owing to the closer packing of the oxide ions and the greater 
rigidity of the BO* tetrahedra. Some years ago the prediction 
was made 1 that the substitutes for the zirconium in the ZrSi0 4 
structure were limited to thorium and lead and that germanium 
might be substituted for silicon. The mineral thorite (ThSi0 4 ) 
has been described as isomorphous with zircon but unstable, 2 
whereas the structure of PbSi0 4 is not known. To the above 
ions Vegard might have added the following: for the A cation, 
Y+ 8 (1.06), Ca ++ (0.98), and Ce +3 (1.01); and for the B radical 
P0 4 ~ 3 , V0 4 ~ 3 , As0 4 ~ 3 , and Cr0 4 “ 2 . As indicated in Table 94, 
YP0 4 , YV0 4 , and CaCr0 4 have already been confirmed, whereas 
CeP0 4 has been found to have a different structure. 

A decrease in the size of the cation A accompanies the 
ZrSi0 4 —► BP0 4 transition. The BP0 4 lattice is constructed 
of linked oxygen tetrahedra, sharing corners. A atoms are at 
the centers of half of these, while B atoms lie at the centers of 
the others. BP0 4 and BAs0 4 may be looked upon as distorted 
high-cristobalite structures. A1P0 4 3 and A1 As 0 4 , 4 also built 
of linked oxygen tetrahedra, are said to bear a formal resemblance 
to the quartz structure. 

The following analogy may be drawn between ABXz and ABXi 
structures: 

CaW0 4 structure —» BP0 4 structure —> (Si0 2 )2 

ABX a ABX a (AX 2 ) 2 

Perovskite structure —► ilmenite structure —■> corundum 

ABX 3 ABXz A 2 Xz 

1 Vegard, L., Skrifter Norske Videnskaps-Akad. Oslo , no. 6 (1927). 

* Vegard, L., Phil. Mag., 32, 93 (1916). 

1 Huttenlocher, H. F., Z. Krist ., 90, 508 (1935). 

4 Machatschki, F., Z. Krist., 90, 314 (1935). 
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Table 96. —Crystal Chemical Classification of Some AiBX< 

Compounds 


Compound 

Structure 

Ha 

Rb 

Rx 

Ra : Rb 

Ra : Rx 

Rb:Rx 

AgiMoO* 

Spinel 

1.13 

0.62 

1.40 

0.55 

0.S1 

0.44 

CrtCdOi 


0.65 

0.97 

1.40 

0.67 

0 48 

0.09 

FeaCdGt 


0.67 

0.97 

1.40 

0.69 

0.40 

0.09 

AIjCoOi 


0.55 

0.72 

1.40 

0.76 

0.39 

0.51 

O 1 C 0 O 4 


0.65 

0.72 

1.40 

0.90 

0.48 

0.51 

C 01 O 4 


0.72 

0.72 

1.40 

1.00 

0.51 

0.51 

CoSi 


0.72 

0.72 

1.80 

1.00 

0.40 

0.40 

Co*Sn0 4 


0.72 

0.71 

1.40 

1.00 

0.51 

0.51 

A1*Cu0 4 


0.55 

0.75 approx. 

1.40 

0.74 

0.39 

0.53 

CdCuS 4 


0.72 

0.75 

1.80 

0.96 

0 40 

0 41 

FetCu0 4 


0.67 

0.75 

1.40 

0.89 

0.49 

0.53 

AltFeO« 


0 55 

0.75 

1.40 

0.74 

0.36 

0.53 

CrjFe04 


0 65 

0.75 

1.40 

0.87 

0.48 

0.53 

Fe»04 


0 67 

0.75 

1.40 

0.89 

0 49 

0.53 

Al*Mg0 4 


0 55 

0.78 

1.40 

0.71 

0.39 

0 55 

CoiMgOi 


0 72 

0.78 

1.40 

0.92 

0.51 

0 55 

CrtMg0 4 


0 65 

0.78 

1.40 

0.83 

0.48 

0 55 

FetMg0 4 


0 67 

0.78 

1.40 

0.86 

0.49 

0.55 

Fe*(Mn,Fe,Mg)04 


0 67 

0.80-0.67-0.78 

1.40 




MgiSnO. 


0.78 

0 71 

1.40 

1 10(0.91) 

0.55 

0 51 

AliMnO« 


0 55 

0.80 

1.40 

0.69 

0.39 

0.57 

CnMnO, 


0 65 

0.80 

1.40 

0.81 

0.48 

0.57 

FeiMnO« 


0.67 

0.80 

1 40 

0.84 

0.49 

0 57 

AI 1 N 1 O 4 


0 55 

0.69 

1.40 

0.80 

0.39 

0 50 

(Co,Ni)*(Ni.Co )04 


0.72-65 

0.65-0.72 

1.40 




Fe*Ni0 4 


0 67 

0.69 

1.40 

0.97 

0.49 

0 50 

NiA 


0 69 

0 65 

1.80 

1 00(0.94) 

0 38 

0 36 

AljZn0 4 


0 55 

0.83 

1 40 

0.66 

0 39 

0 60 

Co Zn0 4 


0 72 

0.83 

1.40 

0.87 

0.51 

0 60 

CnZn0 4 


0.65 

0.83 

1.40 

0.78 

0.48 

0.60 

FeiZn0 4 


0.67 

0 83 

1.40 

0.81 

0.49 

0.60 

ZntSn0 4 


0.83 

0.71 

1.40 

1 17(0.80) 

0.00 

0.50 

ZniTiC^ 


0.83 

0.62 

1.40 

1.34 (0 75) 

0 60 

0.44 

KiCd(CN)4 


1.33 

0.97 

' 1.95 

1.37 (0 73) 

0.68 

0.50 

KiHg(CN) 4 


1 33 

1.10 

1.95 

1 21 (0.83) 

0 68 

0.56 

K*Zn(CN) 4 


1 33 

0.83 

1.95 

1.60(0.62) 

0 68 

0.43 

LixMo0 4 

Fhenacite 

0.68 

0 62 

1.40 

1.10 

0 49 

0 44 

U 1 WO 4 


0.68 

0.65 

1.40 

1 05 

0.49 

0.48 

Be*Si0 4 


0 39 

0.44 

1.40 

0 90 

0 28 

0.31 

U*BeF 4 


0 68 

0.39 

1.33 

1.70 

0.51 

0.30 

AliBe0 4 

Chry so beryl 

0 55 

0.39 

1.40 

1.40 

0 39 

0.28 

MgjS0 4 


0 83 

0.44 

1.40 

1.90 

0.60 

0.31 

Njh80 4 

NatSO* 

0.98 

0.29 

1.40 

2.9 

0.70 

0.21 

AgaSOa 


1.13 

0.29 

1.40 

3.3 

0.80 

0.21 

Agj8e0 4 


1.13 

0.42 

1.40 

2.8 

0.80 

0.29 

KtSOi 

k*so 4 

1.33 

0.29 

1.40 

4.6 

0.95 

0.21 

KjSe04 


1.33 

0.42 

1.40 

3.2 

0.95 

0.29 

KjCrOa 


1.33 

0.52 

1.40 

2.6 

0.95 

0.37 

Cb*S0 4 


1.67 

0.29 

1.40 

5 7 

1.2 

0.21 

(NH4)iS04 


1.56 

0.29 

1.40 

5.4 

1.1 

0.21 

RbtS0 4 


1.48 

,0.29 

1.40 

5.1 

M 

0.21 

KjPdCl* 








KjPtCU 








(NH4)*PdCl4 
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The Structures of A 2 BX a Compounds. —Most of the A 2 BX a 
compounds crystallize in one of five structures: the spinel, 
AUMgO^ the chrysoberyl, AUBeC^J the K2SO4 structure, which 
is closely related to that of chrysoberyl; the phenacite, 
BesSiOi; and the K 2 PtCl 4 structures. The influence of the size 
of the building stones upon the structure of an A 2 BX 4 compound 
is shown in Table 97, summarized from the detailed data in 
Table 96. Crystal radii are used here, since most of the univalent 
radii are not available. 


Table 97.— Crystal Chemical Classification of A 2 BX 4 Compounds 


Rb'Rx 

C.N. of B 

Ra’.Rx 

C.N. of A 

Ra:Rb Structure 

Pre¬ 

dicted 

Actual 

Pre¬ 

dicted 

Actual 

0.39-0.69 

4-6 

4 

0.39-0.81 

4-8 

6 

0.62-1.00 Spinel 

0.31-0.46 

4-6 

4 

0.29-0.48 

4-6 

4 

0.9-1.7 Phenacite 

0.28-0.31 

4 

4 

0.40-0.60 

4-6 

6 

1.4 -1.9 Chrysoberyl 

0.24-0.29 

4 

4 

0.70-0.80 

6-8 1 

6 

2.8 -3.3 Na 2 S0 4 

0.21-0.37 

4 

4 

0.95-1.2 

8 

8 

2.6 -5.7 K 2 S0 4 

0.28-0.46 

4 

4 

0.28-0.48 

4-6 

8 

1.05-1.7 K 2 PtCl 4 


The spinels are, perhaps, the most interesting of this group 
from the structural standpoint because the arrangement is 
stable through a wide range of ionic sizes and because a great 
variety of compounds have been found to crystallize like spinel. 
Compounds as different chemically as Al 2 Mg 04 , Fe 3 0 4 , and 
K 2 Cd(CN) 4 are all isomorphous. Another characteristic of the 
artificial spinels is their ability to hold in solid solution an excess 
of aluminum, perhaps as a-Al 2 0 3 , which is said to crystallize 
like spinel. 1 Sometimes A is the cation of higher charge, some¬ 
times B. A or B may be the larger cation. It is also a common 
occurrence for A and B to be distributed quite at random in the 
lattice, rather than at equivalent lattice points. Because the 
structure tolerates this ready interchange of cations the composi¬ 
tion of certain spinels may be varied continuously through 
substitution. 

1 Rinne, F., Neues Jahrb. Mineral. Geol. Beilage Bandy A 68, 43 (1928); 
Hagg, G., Z . phyeik. Chem.y B 29, 88 (1935). 
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The distances in spinel imply that the crystal is essentially 
ionic. Because the radii of A and B are of the same order of 
magnitude, the BX 4 radical, although it exists geometrically, 
has little chemical significance in most cases. In K 2 Zn(CN) 4 
and a few others, the BX 4 radical does have a physical meaning, 
because of the stronger bond formed between the zinc ion and 
the easily distorted, unsymmetrical cyanide ion. 

Chrysoberyl is, structurally, very similar to spinel. In the 
former the oxygen ions are nearly close-packed hexagonal; in the 
latter they approximate cubic close packing. In phenacite, 
because of the lower R A :Rx value, the A ions as well as the B 
ions are surrounded by four oxygen ions in an approximately 
tetrahedral arrangement. Both of these structures are built 
of A y B } and X ions. 

The K2SO4 structure resembles chrysoberyl in a general way, 
but differs from it in the symmetry of the structural units. Also, 
in K2SO4, characterized by a large R A \R B ratio, the BX 4 radical 
has a real physical meaning. The A-X distances are ionic. The 
S0 4 ~ radical also exists as such in the Na 2 S0 4 structure, which 
differs from the K 2 S0 4 structure in the orientation of the S0 4 
tetrahedra with respect to the cations, smaller in Na 2 S0 4 than in 

k 2 so 4 . 

The structure of the K 2 PdCl 4 group 1 is peculiar. The four 
X atoms lie at the corners of a square, rather than at the corners 
of a tetrahedron. This confirms Werner's prediction of many 
years ago, based on the apparent existence of cis and trans 
compounds of this type. Pauling has shown that the unique 
directional properties of the B-X bonds brand them as covalent 
rather than ionic bonds. The K-Cl distance, practically the 
same as in KC1, indicates that the A-X bond is ionic. It is 
probably the abnormal planar distribution of the Cl ions which 
permits the coordination of eight by each A ion, rather than the 
six predicted from the radius ratio. 

The Structures of S m O n “ 2 Groups. —The special arrangement 
of the central ion and its coordinated negative ions in actual 
crystals is of great interest. The BX 3 and BX 4 radicals have 
been discussed. Systematic studies of some of the more complex 
groups are being undertaken. There is, for example, a striking 

1 Dickinson, F. G., J. Am. Chem. Soc., 44, 2404 (1922). 
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relationship between all SmOn* -2 groups. 1 The pyrosulfite 
(S 2 0 6 )- 2 group proves to have the structure shown in Fig. 42 in 
which the angles between sulfur and oxygen range from 102 to 
116 deg. It follows that the correct structural formula for the 
pyrosulfite group is 

0 0 0 0 

ii ii 

O—S—S—O, not S—O—S as frequently written by the chemist. 

O 0 0 


In the sulfate group 2 the oxygens are at the corners of an almost 
regular tetrahedron, the S lying at the center. Pauling 3 and 
Slater 4 have shown by a wave-mechanical treat¬ 
ment that the angle between S and O bonds tends 
to be tetrahedral, and all experimental data con¬ 
firm this. By removing one oxygen from each of 
two sulfate tetrahedra and joining the two 
exposed sulfurs, the dithionate ion (S 2 0 6 )~ 2 is 


F G 

aa 


Cr^cro 

E DC 

Fig. 42.—The 
pyrosulfite group. 
[From W. H. Zach- 
ariasen: Phys. 

Rev., 40 , 923 

(1932).] 


formed. Each sulfur is surrounded tetrahedrally 
by three oxygens and one sulfur. Thus the 
structural formula usually given for dithionic 
acid, HO3S-SO3H, is confirmed. With the 
removal of one oxygen from the dithionate group, 5 
the pyrosulfite radical, as illustrated, is formed. 

Similarly atoms ACDE in Fig. 42 represent the 
structure of the S0 3 ~ 2 complex, as determined in Na 2 S0 3 . 6 It is 
to be supposed, although not yet verified, that the atoms BFG 
represent the structure of S0 2 ~ 2 ; whereas the S atoms, AB, are 
the familiar S 2 group of the pyrite crystal. The radicals S 2 0 2 ~ 2 , 
S 2 0 3 " 2 , and S 2 0 4 “ 2 must also be derived from the basic structure 
shown. The S 2 0s -2 in (NH 4 ) 2 S 2 0 8 is made up, as shown in 
Fig. 43, of two oxygen tetrahedra, joined by an 0-0 bond, with 
a sulfur atom at the center of each. 7 The trithionate ion 


1 Zachariasen, W. H., Phys. Rev., 40, 923 (1932). 

* Zachariasen, W. H., and G. E. Ziegler: Z. Krist., 81, 92 (1931). 

8 Pauling, Linus, J. Am. Chem. Soc., 53, 1367 (1931). 

4 Slater, J. C., Phys. Rev., 37, 481 (1931). 

8 Huggins, M. L., and G. 0. Frank, Am. Mineral., 16, 580 (1931). 

• Zachariasen, W. H., and H. E. Buckley, Phys. Ret)., 37, 1295 (1931). 
7 Zachariasen, W. H., and R. C. Mooney, Z. Krist., S8, 63 (1934). 
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(Ss 0 6 )“ 2 may be pictured, 1 as in Fig. 44, as two oxygen tetrahedra 
sharing one corner, a sulfur at the center of each tetrahedron and 
the oxygen at the shared corner replaced by the third sulfur. 

A comparison of the interatomic distances 
found in the several sulfur-oxygen complexes bears 
further testimony to the structural relationships of 
this interesting group. These interatomic dis¬ 
tances are shown in Table 98. 1 
The Stability of Complex Ionic Compounds.— 


Fig. 43. Fig. 44. 

Fig. 43.—The persulfate group. [From W. H. Zachariasen and R. C. Mooney: 
Z. Krist., 88, 63 (1934)]. 

Fig. 44.—The trithionate group. [ From W. H. Zachariasen: Z. Krist., 89, 529 
(1934).] 

Generally speaking, the stability of a complex compound is 
influenced by the same factors which determine the solubility 
of a binary compound and may be treated, qualitatively, in much 
the same manner. 


Table 98. —Interatomic Distances in Sulfur-oxygen Complex Ions 


S-0 distance, A 

S-S distance, A 

Na 2 S0 3 

1.39 

FeS 2 

2.14 

Na 2 S0 4 

1.49 

K 2 S 2 0s 

; 2.18 

K*S 2 06 

1.47 

k 2 s 3 o 6 

2.15 (average)* 

(NH 4 ) 2 s 2 0s 

1.50 



K 2 S 3 0 6 

1.50 




* This value from W. H. Zachariasen and R. C. Mooney, Z. Krist., 88 , 63 (1934). 


A crystal dissolves when the attraction of the ions for water 
molecules is greater than the attraction of the ions for each 
other; or, when the heat of hydration is greater than the lattice 
energy. Strong crystals, those with high lattice energies, are 
least soluble, because they are most difficult to break down. 
Similarly, in complex formation, the strongest crystals, if they 
1 Zachariasen, W. H., Z. Krist,, 80 , 529 (1934). 
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form complex ions, form the least stable complexes. Consider 
by way of illustration, the stabilities of the alkaline earth car¬ 
bonates in relation to the equilibrium MO + CO 2 ^MCOs, 
where M is the metal ion. The heat of formation 1 Q of MCOs is 
equal to the heat evolved by the addition of C0 2 to the oxide A, 
less the energy required to expand the MO lattice, as measured 
by its lattice energy U f or 

Q = A - U ( 1 ) 

Thus, the stronger the MO lattice, the smaller will be the posi¬ 
tive heat of formation of the carbonate and the lower its stability. 
Of the alkaline earth ions, Mg++ is the smallest, and therefore the 
lattice energy of MgO is the highest of the oxides. It follows 
that MgCOs is the least stable of the carbonates, and this is con¬ 
firmed by the experimental data. At atmospheric pressure, 
the alkaline earth carbonates evolve CO 2 at the following 
temperatures: 



MgCOj 

CaC0 3 

Sr CO 3 

BaCO, 

CO 2 evolved, °C. 

230 

817 

1130 

1297 

Lattice energy U of oxides, kg. cal. . 

940 

840 

790 

747 


Evidently this increasing stability of the carbonates is depend¬ 
ent upon the decreasing strength of the oxides (a lower value of 
U in Equation (1) results in a higher value for Q ). 

Because of their lower valence, the lattice energies of the alkali 
oxides are lower, and the alkali carbonates are more stable than 
the alkaline earth carbonates. The small Li 4 * builds the strongest 
oxide lattice, and lithium carbonate is the least stable of the 
carbonates. The lattice energy of LiO is 693 kg. cal., and Li 2 C0 3 
evolves C0 2 at 1270°C. 

The peroxides of the alkalies are more stable than those of the 
alkaline earths. Of all the peroxides (alkalies and alkaline 
earths), Cs 2 0 2 is the most stable, whereas Ba0 2 is the most stable 
of the alkaline earth peroxides. 

Thermal data for a number of divalent sulfates are shown in 
T^ble 99. Although these data are rather fragmentary, they 

1 Q is the heat of formation from the oxide and COi* not from the elements. 
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conform to the trends outlined. The stronger the metallic oxide, 
the more energy is required to expand the lattice to accommo¬ 
date the larger radical, and the less stable will be the resulting 
sulfate. The size and electronic structure of the metallic cation 
influence directly the lattice energy of the oxide and therefore, 
indirectly, the stability of the sulfate. 


Table 99.—Thermal Data for Some Divalent Sulfates 



MgSO* 

CaS04 

Sr SO 4 

BaS04 

ZnS04 

Radius of cation, A . 

Q. 78 

1.06 

1.27 

1.43 

0.83 

Heat of formation: 






Oxide -+■ SOs, kg. cal . 


84 

95.6 

102 


Metal + Oj -f SOt, kg. cal. 

232 

249 

260 

266 

159 

Lattice energy of oxide, kg. cal. 

940 

840 

790 

747 

970 

Decomposition temperature, °C. 


1000 approx. 


1550 

427 


To summarize, the stability of a complex compound increases 
with increasing size and decreasing charge of the cation. 

This bears an interesting relationship to the stability of the 
alkali polyhalides. Their occurrence involves the formation of a 
complex halide anion, the actual existence of which has been 
demonstrated by freezing point 1 and conductivity 2 measure¬ 
ments, probably by the polarization of a neutral halogen mole¬ 
cule. If a stable polyhalide is to be formed, the energy of 
polarization of the neutral molecule must be greater than the 
lattice energy of the simple halide. NaF cannot form a stable 
polyhalide for the same reason that it does not readily dissolve 
in water—the lattice energy is too high. It is impossible to break 
down the NaF lattice, by the polarization of either a halogen 
molecule or a water molecule. In fact, no fluorides form poly¬ 
halides, and chloride polyhalides are not particularly stable. 
The weakest of the alkali halide crystals forms the most stable 
polyhalide. The temperatures at which halogen is evolved from 
typical polyhalides at atmospheric pressure are shown in Table 
100. 3 

1 Ephraim, “ Anorganische Cheraie,” p. 183, T. Steinkopff, Dresden, 1922. 

* BrOnsted and Pederson, Z. phytik . Chem. t 103, 307 (1923). 

•van Arkel, A. E., and J. H. deBoer, “Chemische Bindung,” p. 175, 
8. Hirzel, Leipzig, 1931. 
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Because the lattice energy of Csl is the lowest of all the alkali 
halides, the polyhalides of Csl are the most stable. The stabili¬ 
ties of the polyhalides decrease as the lattice energies of the 
simple halides increase, i.e., stability decreases with decreasing 
size of the cation or anion. It is of interest to note that decom¬ 
position is always such that the simple halide with the highest 
lattice energy is formed. Thus, CsICl 2 decomposes to give 
CsCl + IC1, rather than Csl + CI 2. 1 

Table 100. —Temperature at Which Halogen Is Evolved from Typical 

Polyhalides 

CsII 2 250 CsBrBr 2 147.5 RbII 2 192 RbBrBr 2 105.5 

CsIBr 2 242.5 CsBrCl 2 138 RbIBr 2 186.5 RbBrCl* 93 

CsICl* 209 CsCIBr, 124 RbICl 2 151 RbCIBr* 81 

Inevitably, the size of the coordinated halogen molecule 
influences the stability of the polyhalides, although the relation¬ 
ship is not obvious. With decreasing size of the molecule (I 2 to 
F 2 ) the necessary disruption of the lattice decreases, but the polar¬ 
izability of the neutral molecule, and therefore the energy of 
addition, also decreases. The data in Table 100 indicate that 
the more polarizable molecule builds the more stable polyhalide. 
CsII 2 , for example, is more stable than CsICl 2 . 

The stability of the polyhalides, then, increases in the order 
K+ to Rb+ to Cs*; Cl" to Br~ to I~; Cl 2 to Br 2 to I 2 . 

1 Clark, G. L., Am. J. Sci 7, 113 (1924). 



CHAPTER VIII 


. THE STRUCTURES OF THE SILICATES 

Perhaps the greatest single accomplishment of crystal chemistry 
has been the systematization of the silicate minerals, baffling 
to chemists and crystallographers alike because of their appar¬ 
ently complicated crystallographic and chemical structures. 
The laws of crystal chemistry, the influence of ionic and atomic 
size, polarization properties, and the nature of bonding forces 
upon the packing of ions and atoms have clarified the situation 
and demonstrated that all of the very complex silicate crystals 
are formed in accordance with these same elementary structural 
principles. 

The silicates, as a group, are characterized by the large number 
of variations in the silicon-oxygen ratio which occur from one 
compound to another. There is little wonder that chemists have 
always found it somewhat difficult to rationalize formulas like 
Mg 2 Si 04 , Sc 2 Si 2 07 , BaTiSuOg, CaMg(SiOs) 2 , Ca 2 Mg 5 (Si 40 n) 2 - 
(OH) 2 , and Mg 3 Si 4 Oio(OH) 2 . This was first attempted by 
postulating a bewildering number of acids of silicon and classify¬ 
ing silicates according to their supposed acid groups. 

However, led by the excellent pioneering work and continued 
efforts of the Braggs 1 and their coworkers, the X-ray analysis of 
a large number of silicate minerals revealed the reason for the 
apparent variable combining power of silicon. In all silicates, 
the silicon atoms are to be found at the centers of oxygen tetra- 
hedra. Thus the tetravalency of silicon is maintained. But 
these tetrahedra may exist independently or may share corners, 
edges, and, rarely, faces in a variety of ways. Obviously when 
two or more silicons may share the same oxygen in this fashion, 
the silicon-oxygen ratio in the formula will vary accordingly. 

1 An extremely interesting and up-to-date account is given by W. L. 
Bragg, ‘‘Atomic Structures of Minerals,” Cornell University Press, Ithaca, 
New York, 1936. 
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It is now possible to classify all of the silicates whose structures 
are known into a very few groups, arranged according to the 
manner of linking of the silicon-oxygen tetrahedra. 

1. Self-contained groups: 

a. Si0 4 . Single tetrahedra. Examples: The orthosilicates. 
Garnet, 1 (Fe,Mn) 3 Al 2 (Si0 4 )3; olivine , 1 Mg 2 Si0 4 . 

The structure of olivine, Mg 2 Si0 4 (shown in Fig. 45), is perhaps 
one of the simplest of the silicates to visualize. The Si0 4 groups 


Mg coordinates 
six shaded oxygens 


A-Silicon at center 
of oxygen tetrahedron 
(shaded) 


(a) (b) 

Fig. 45.—(a) The unit prism of olivine, MgsSiCU, projected upon its a-face. 
Atoms of O, Mg and Si are represented by large, intermediate and small circles. 
(b ) A packing drawing of a. Only one small Si atom is shown. It is evident 
that the structure is characterized by close-packed oxygens. ( From Wyckoff, 
“ The Structure of Crystalsby permission of the Reinhold Publishing Corporation t 
New York.) 




exist independently in the lattice, just as the S0 4 ion is to be 
found as such in crystalline sulfates. The atoms of those Si0 4 
groups, occurring within the unit cell pictured, are shaded and 
connected; one such group is in the lower right-hand corner of 
the cell. Each magnesium ion is surrounded octahedrally by six 
oxygens. For example, in the figure, one Mg ++ is shown coordi¬ 
nating the six shaded oxygen atoms. These positively charged 
metallic ions serve to bind together the negative Si0 4 radicals, 
and it will be seen that they are distributed uniformly through¬ 
out the cell. 

1 Menzbr, G., Z . Kristy 69, 300 (1928). 

a Taylor, W H., and J. West, froc. Roy. Soc . (London), A 117, 132 
(1928). 
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Since each silicon coordinates four oxygens, the “ effective 
valence” of each Si-0 bond must be one; similarly, because each 
Mg ion coordinates six oxygens, the effective valence of each 
Mg-0 bond is f = j. Further study of Fig. 45 reveals that 
each oxygen has as nearest neighbors one silicon and three 
magnesiums. Thus, the usual valence rules are satisfied, since 
the total bonding power of the oxygen atones four neighbors 
isl + J + i + J = 2. 

6. Si 2 0 7 . Two tetrahedra, sharing one oxygen corner. The 
positive metallic ions are to be found between these negative 
Si 2 0 7 groups, binding them together. The Si 2 0 7 group is shown 



Fio. 46.—Arrangement of SiO< tetrahedra in the SiCh, SiiC>7 and SijOt groups. 
[From W. L. Bragg: Z. Krtit 74, 269 (1930).] 

in Fig. 46. Examples: Thortveitite, 1 Sc 2 Si 2 0 7 ; hardystonite, 2 
Ca 2 ZnSi 2 0 7 ; melilite, 3 (Ca,Na) 2 (Mg,Al)(Si,Al) 2 0 7 . 

c. SiaOg. Three tetrahedra, sharing corners with each other to 
form a closed ring, as illustrated in Fig. 46. These Si 3 C>9 groups 
are held together by positive metallic ions distributed between 
them. Example: Benitoite, 4 BaTiSi 3 09- 
2. Silicon-oxygen endless chains: 

а. The pyroxenes, Si0 3 groups. Simple chains of Si0 4 tetra¬ 
hedra, each sharing two oxygen atoms, as in Fig. 47a The 
acid radical Si0 3 is considered to extend the full length of the 
crystal. Example: Diopside, 6 CaMg(Si0 3 ) 2 . 

б. Double chains, Si 4 On groups. As in Fig. 476. Example: 
Tremolite, 6 Ca 2 Mg 6 (Si 4 Oii) 2 (OH) 2 . 

1 Zachabiasen, W. H., Z. Kriht, 73, 1 (1930). 

* Warben, B. E., and O. P. Trautz, Z. Krist ., 75, 525 (1930). , 

1 Warren, B. E., Z. Krist 74, 131 (1930). 

4 Zachariasen, W. H., Z. Krist ., 74, 139 (1930). 

* Wabbbn, B. E., and W. L. Bragg, Z. Kristy 69,168 (1928). 

* Wabbbn, B. E., Ind. Eng . Chem., 24, 419 (1932), 
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In these single- and double-chain crystals the metallic ions form 
the links between parallel chains. The binding force between 
chains is ionic and is not so strong as the Si-0 bonds along the 
chain. This gives rise to the well-known fibrous nature of asbes¬ 
tos and the amphiboles. 

3. Silicon-oxygen sheets, Si 2 0 5 groups. If the double chain is 
extended, as in Fig. 48, a sheet is formed. The metallic ions 




(b) 

Fiq. 47.—Silicon-oxygen chains, (a) Single chains. The pyroxenes (SiOj) 
group. ( b ) Double chains. The amphiboles (Si«Ou) group. [From Warren: 
Ind. Eng. Chem., 24, 419 (1932).] 

furnish the ionic forces between sheets, weaker than the silicon- 
oxygen bond within sheets, hence the minerals with this 
structure tend to cleave in thin layers. Examples: The 
micas. 1 General formula: KX n F 4 Oio(OH, F) 2 ; muscovite, 2 * 
(OH)s(K, Na)Al2(Si 3 A10io). The chlorites. 8 General formula: 
X m F 4 Oio(OH) 8 ; talc, 4 Mg 3 Si 4 O 10 (OH) 2 . 

1 Pauling, Linus, Proc. Natl. Acad. Sci ., 16, 123 (1930). 

* Jackson, W. W., and J. West, Z. Krist 76, 211 (1930). 

1 Pauling, Linus, Proc . Natl. Acad. Sci., 16, 578 (1930). 

4 Gbunsr, J. W., Z . Krist., 66, 412 (1934). 
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The physical properties of talc, the micas, and the brittle micas 
bear the expected relationship to their general structures. 1 All 
three are “layer” lattices. In the micas, the Si(Al)-0 layers 
are held together by K+ or Na + ; in the brittle micas, the layers 
are bound together by Ca ++ . The forces required to separate 
layers in the micas are not so great as those required to separate 
layers in the brittle micas. The former are therefore more elastic 
and not so hard as the latter. A talc crystal is built of electrically 
neutral layers, held together only by residual forces. These 



Fio. 48.—Silicon-oxygen sheets. Example: The micas. [From Warren, Ind. 
Eng. Chem., 24, 419 (1932).] 

are therefore easily separated and account for the soft, soapy 
feeling of talc. The relative hardness of these layer structures, 
on the Mohs’ scale are: talc, 1 to 2; the micas, 2 to 3; the brittle 
micas, to 6. 

4. Three-dimensional silicon-oxygen network. An extension in 
three dimensions of the silicon-oxygen sheets. 

There are three general types of these networks, based on 
various (Si, Al )(>2 frameworks. 2 

a. Skeleton network of squares and collapsed octagons— 
the feldspar type and the closely related borosilicate, danburite, 8 

CaBtSisOg. 

1 Paulino, Linus, Proc. Nad. Acad. Sci., 16, 128 (1930). 

* Pauling, Linus, Z. Kriat ., 74, 213 (1930). 

* Dunbar, C., and F. Maohatschki, Z. Krist ., 76,133 (1930). 
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b. Those based on squares and hexagons—the ultramarine 
and sodalite type. 1 

c. Those based on hexagons alone—tridymite (Si0 2 ) and 
nephelite, NaAlSi0 4 . 2 

That interesting group of minerals known as the zeolites form 
three-dimensional network structures. The zeolites are peculiar 
in that the metallic ions may be changed or the water removed 
without any apparent change in the skeleton structure. No 
doubt this may take place because the framework is more open 
than that of the similar feldspar type. 



Fio. 49.—The cristobalite structure, showing characteristic silicon-oxygen 
tetrahedra. (. Reproduced , by permission , from the Encyclopaedia Britannica.) 

One of the most familiar uses of the zeolites is in softening 
water: When hard water is caused to filter through a zeolite, the 
Ca ++ and Mg ++ in the water replace the Na + in the zeolite. 

The several forms of silica are also special networks of Si0 4 
tetrahedra. One of these, cristobalite, is shown in Fig. 49. 

An interesting series of structures may be derived from cristo¬ 
balite, without any fundamental change in the network structure, 
by replacing half of the Si +4 successively by A1+ 8 and Ca ++ . 
To maintain the necessary positive charge, Na ions are added 
intersti tially. 3 Thus: 

(SiSiO 4 ) 0 —cristobalite 
Na+(AlSi0 4 )“—a carnegieite 
Na 2 + (CaSi0 4 )— 

'Barth, T. F. W., Z. Krist., 83, 405 (1932) (sodalite, Na^jSiiOuCl); 
Jaeger, F. M., Bull. soc./rang, mineral 63, 183 (1930) (ultramarines). 

2 Bannister, F. A., Mineralog. Mag., 22, 569 (1931). 

* Barth, T. F. W., and E. Posnjak, Z. Krist., 81, 376 (1932). 
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This last formula appears to be that of an orthosilicate with 
separate Si0 4 tetrahedra. Crystallographically, however, it has 
a CaSiO 4 framework. 

Certain nonsilicates have recently been found to have this 
same cristobalite structure, viz., K 2 O AI 2 O 3 and K 2 0 *Fe 203 and 
NajO-AUOs. 1 Alkali ions are interstitial in a framework of 
A10 4 or Fe0 4 tetrahedra. 

A similar case is the feldspar series 

Albite, Na(AlSis0 8 ) to anorthite, Ca(Al 2 Si 2 08) 

These are only two of the countless complex silicates which 
may be derived, by additions to or substitutions in the simple 
classification of general types enumerated above, viz., separate, 
paired, and ring tetrahedra as discrete groups, and Si0 4 tetrahedra 
in single and double chains, sheets, and three-dimensional net¬ 
works. The transition of tremolite and hornblende, via substitu¬ 
tion, is another case in point. 2 

Tremolite, H 2 Ca 2 Mg 5 (Si 03)8 to hornblende, 

H 2 (Ca, Na, K) 2 - 3 (Mg, Fe, A1) 5 ((A1, Si)0 3 ) 8 

The large group of aluminosilicates are frameworks, formed by 
the substitution of A1 for Si, of A10 4 tetrahedra for Si0 4 tetra¬ 
hedra. 3 Si+ 4 may also be replaced by B +3 or Be++ in indefinite, as 
well as stoichiometric amounts, and ions like Mg++, Fe +3 , and 
Al +3 or Ca+ + and Na+ are interchangeable, the possibility of 
substitution depending upon relative sizes, not upon relative 
valences. Thus, from diopside, CaMg(Si0 3 )2, the mineral augite 
is derived, with the general formula 

(Ca, Na)(Mg, Fe, A1)(A1, Si) 2 0 6 . 

As an illustration of the balancing of electrostatic charges by 
suitable substitution, this may be broken down into the following 
specific formulas: 

CaMg(Si0 3 ) 2 CaAl(AlSi0 6 ) 

NaFe(Si0 3 ) 2 CaFeAlSiOe 

1 Barth, T. F. W., J. Chem. Phya., 3, 323 (1935). 

* Warren, B. E., Z. Kriat., 72, 493 (1929). 

* See, for example, Taylor, W. H., Proc. Roy. Soc. (London), A 145, 80 
(1934). 
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The simple silicates may also be varied by the addition of 
groups or chains or sheets of oxides or hydroxides, giving rise to 
series of basic silicates. Olivine, Mg 2 Si 04 , combined with 
Mg(OH)i sheets, for example, forms the series 

Norbergite, Mg(F, 0H) 2 Mg 2 Si0 4 to 

clinohumite, Mg 7 (Mg(F, 0H)) 2 (Si0 4 ) 4 

The presence of sheets of Mg(OH) 2 stabilizes the otherwise 
unstable MgSi 2 0 5 to form talc, MgSi 2 0 5 *2Mg(0H) 2 . 

Kaolin, (0H) 4 Al 2 Si 2 0 5 , is a neutral double-layer structure, 
bearing a certain resemblance to mica. The (Si,Al) 2 0 & layers in 
mica are held together by positive cations; the Si 2 0 5 layers in 
kaolin alternate with Al, OH layers, the neutral double layers, 

Si 2 0 6 

Al, OH, being held only by weak secondary forces. 1 Doubtless 
the so-called “base-exchange” phenomenon characteristic of 
clays and soils is also dependent upon the structure of these 
substances—the occurrence of the basic ions, weakly bound in 
the lattice interstices. 2 The facility with which various metallic 
ions may be introduced into the zeolitic structure depends, 
among other things, upon their sizes, and this suggests a picture 
of metallic ions weaving their way through a Si(Al)-0 network. 

Germanium forms an extended series of compounds isomor- 
phous with the silicates. Mg 2 Ge0 4 , germanium olivine; Be 2 Ge0 4 , 
germanium phenacite, and germanium pyroxenes are known. 3 
Recently it has been reported that Zn 2 Si0 4 and Zn 2 Ge0 4 are 
isomorphous, as are Cs 2 SiF 6 and Cs 2 GeF 6 . 4 It is probable 
that future investigations will reveal a rather complete structural 
analogy of the germanates and silicates. 

Because of the comparable sizes of the silicon and phosphorus 
atoms, a similarity in the structure of silicates and phosphates 
may also be anticipated. P0 4 tetrahedra have been found in 
KH 2 P0 4 and some other orthophosphates. The P 2 0 7 group anal¬ 
ogous to Si 2 0 7 has been identified in the pyrophosphates ilfP 2 0 7 , 

1 Taylor, W. H., J. Am. Ceram. Soc. f 16, 418 (1933). 

* Taylor, W. H., Proc. Roy. Soc. (London), A 146, 80 (1934). 

8 Goldschmidt, V. M., Nach. Ges. Wiss. Gottingen Geschdft. Mitt.; Math.- 
physik. Kla88en , 1931, 184. 

4 Sch0tz, W., Z. physik. Chem., B 31, 292 (1936). 
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where M = Si, Ti, Zr, Hf, or U. 1 Of these, SiP 2 07 is unusual 
because the silicon coordinates six oxygens rather than four, the 
four coordination being assumed by the smaller phosphorus. 
A1 (POs) 3, the first metaphosphate to be analyzed, contains a 
complex P4O12 group consisting of four PO4 tetrahedra in a closed 
ring, each sharing two corners with its neighbors. 2 Incidentally, 
this analysis is illustrative of a very useful procedure in crystal- 
structure determinations, viz., the determination of the space 
group, the prediction of a likely structure with the aid of certain 
structural principles, and finally the confirmation of this predic¬ 
tion by the comparison of observed and calculated intensities of 
X-ray reflections. 

The several types of silicates, classified according to the silicon- 
oxygen ratio and the spatial distribution of the Si (>4 tetrahedra, 
are summarized in Table 101. 


Table 101.—Classification of Silicates 


Acid radical 

Si:0 

: 

Structural unit 

Si0 4 

1:4 

Single tetrahedron 

Si 2 0 7 

1:3.5 

Double tetrahedron 

SisOj 

1:3 

3-Tetrahedron ring 

(SiOa)n 

1:3 

Single chain 

(Si 4 On)„ 

1:2.75 

Double chain 

(SLOs^ 

1:2.5 

Endless sheet 

((Si, A1)0 2 )„ 
(Si0 2 )» 

1:2 

Three-dimensional net 


The crystal chemistry of the silicates has proved a valuable 
supplement to difficult chemical analyses in establishing the 
formula for a silicate mineral. 3 Mauguin’s work 4 on the micas, 
cited by Bragg, offers an illustration. The relative amounts of 
H, K, Mg, Fe, Al, Si, F, and 0 may be determined by analysis, 
but these relative proportions may vary widely, and it is impossi- 

‘Levi, G. R., and G. Peyronel, Z. Krist, 92, 190 (1935); Peyronel, G., 
ibid., 94, 311 (1936). 

* Pauling, Linus, and Jack Sherman, Z. Krist., 96, 481 (1937). 

* Bragg, W. H., and W. L. Bragg “The Crystalline State,” vol.T, p. 238, 
George Bell & Sons, Ltd., London, 1933. 

4 Mauguin, C., Bull, soc.frarig. mineral., 61, 285 (1928); Compt. rend., 186, 
879 (1928); Mauguin, C., and L. Graber, Compt. rend., 186, 1131 (1928). 
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ble to define arbitrarily the absolute amounts in a unit or to set up 
any “standard” composition from which variations may be 
assumed to occur. Mauguin found that when composition, 
density, and unit cell dimensions were determined simultaneously, 
all variations in composition must be expressed in terms of 48 
(0- + F~), these large anions forming a constant crystal 
skeleton for all micas. In muscovite there are four mole¬ 
cules of (OH^KAUCSisAlOjo) per unit cell. As the A1 and Si 
in SisAlOio vary, the electrical charges are balanced by a variation 
in the number of large cations, K + , or the substitution of Ca++ for 
K+. Mgs*" 1- , Fes**, or Fe 2 +3 may be substituted for the small 

cation Al 2 +3 . 

Tremolite is often given the formula CaMg*(SiOa) 4 , with the 
understanding that there is a small and supposedly insignificant 
amount of water (approximately 2.2 per cent) present. Warren’s 
structural analysis 1 showed this water, present as 0H“, to be 
essential to the architectural plan of the unit cell, which leads to 
the formula (OH) 2 Ca 2 Mg 5 (Si 4 Oii) 2 . Obviously it would be 
difficult to choose between the two formulas by chemical analysis 
alone. 

Although space does not permit a detailed description of 
specific silicate structures, it is interesting to consider the general 
methods which have been used and are being used to arrive at 
these structures. 

Bragg, in his original approach to the silicate structures, was 
guided by the following principles: 

1. Oxygen ions, being the largest, form the skeleton of all 
silicate crystals. (It is interesting to note that errors in the 
assignment of formulas to silicates have frequently occurred 
because the importance of oxygen in the formula has not been 
realized.) 

2. The several metallic ions of the silicate were fitted into 
suitable gaps in this oxygen skeleton. The arrangement depends 
upon interionic distances and ionic radii. The coordination 
numbers will, as usual, depend upon the values of the radius 
ratios of the ions where predominantly ionic bonds are involved. 
Silicon always occurs in silicates surrounded tetrahedrally by four 
oxygens. This oxygen tetrahedron with a Si* 4 at its center is 

1 Warren. B. E., Z. Kriat 72, 42 (1929). 
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common to all silicates and to the several forms of SiOa. The 
silicon and oxygen ions are probably only partially ionized, and 
their tetrahedral arrangement may therefore be the result of the 
combined influence of the radius ratio and of the tetrahedral 
covalent bonding force. 

The coordination numbers (for silicates, the number of neigh¬ 
boring oxygen ions) of other elements found in silicates may 
usually be determined from the ionic radius ratios since the 
bonds between the metallic ions and the oxide ion are essentially 
ionic. Thus, for example, eight oxygen ions are found to sur¬ 
round every sodium ion. 

3. The oxide ions are shared by the metallic elements; in 
fact, the silicon-oxygen tetrahedra, either individuals or groups, 
are connected with other like groups by the metallic ions. 

4. In keeping with the principles of isomorphism, the oxide ion 
may be replaced by the fluoride ion or the hydroxyl group. 

6. The cations tend to be distributed symmetrically through¬ 
out the crystal, since this affords the greatest electrical stability. 

These principles were used very successfully in some of the 
first analyses of silicate structures by Bragg and his coworkers, 
when structures thought to be relatively close packed were 
selected purposely. 1 

Pauling, in his approach to the structure of the silicates and 
other complex crystals 2 adopts as a starting point the principle 
that each metallic ion, including Si+ 4 , lies at the center of a 
polyhedron, its corners occupied by anions. It is assumed 
that the cation-anion distance is determined by the sum of the 
radii, and the coordination number is determined by the radius 
ratio of the ions. The crystal may be synthesized from these 
polyhedra. Thus, whereas Bragg’s early method was to erect a 
framework of anions to build a silicate structure, Pauling used as 
building blocks the polyhedra defined by the number and.size of 
the metallic ions and built from the ground up. 

A summary of the smaller metallic ions found in silicates, 
together with their characteristic coordination numbers and the 

1 For detailed accounts of this work, see W. L. Bragg, Trans. Faraday 
Soc., 25, 291 (1929); Z. Krist ., 74, 273 (1930); W. H. Bragg and W. L. 
Bragg, “The Crystalline State,” vol. I, p. 131, George Bell & Sons. Ltd., 
London, 1933. Details to be given in a later volume. 

‘Paulino Linus, J. Am. Chcm. Soc., 51, 1010 (1929). 



THE STRUCTURES OF THE SILICATES 


297 


strength of their electrostatic bonds, is given in Table 102. 
The large cations (C.N. 8) are not included because their poly- 
hedra are subject to considerable distortion and do not make 
suitable building blocks. This conception of polyhedral building 
units can only be safely applied under the following additional 
restrictions: 

1. The anions must not be easily polarized (0*~ and F“, but not 
OH*”, fulfill this requirement). 

2. The bonds must be essentially, but not exclusively, ionic. 
They should not be definitely nonionic. Compounds of the 
18-shell atoms cannot be considered. 


Table 102. —Coordination Numbers for Ions in Oxides, and Strength 
of Electrostatic Bonds in Complex Crystals 


Ion 

Ra-.Ro- 

Coordination number 

Strength of 
electrostatic 
bond 

Predicted 

Found 

B+3 

0.20 

3 

3 or 4 

1 or i 

Be ++ 

0.25 

4 

4 

i 

Li + 

0.34 

4 

4 

1 

Si f4 

0.37 

4 

4(6) 

l 

A1+ 5 

0.41 

4 or 6 

4 or 6 

i or J 

Mg ++ 

0.47 

6 

4 or 6 

Jor i 

TP 4 

0.55 

6 

6 

? 

Sc+* 

0.60 

6 

6 

i 

Mo + ® 

0.53 

6 

4 or 6 

i or 1 

Zr +4 

0.62 

6 

6 or 8 

$ or i 


Subject to certain limiting conditions, polyhedra may be 
joined by either the sharing of corners or the sharing of edges or 
faces. 

The Sharing of Corners .—In a stable, coordinated structure, 
the electric charge of each anion tends to compensate the strength 
of the electrostatic valence bonds reaching to it from the cations 
at the centers of the polyhedra of which it forms a corner. 
Although this principle is not exactly satisfied in all cases, it should 
be approximated. Pauling lists several typical examples in 
which it holds. Thus in beryl, an oxygen may be shared by 
two silicon ions (sum of charges of bonds to oxygen = 1 + 1 = ,2) 
or by one silicon, one beryllium, and one aluminum 
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(1 + h + i = 2). In topaz, each oxide is common to one silicon 
and two aluminum ions (1 + $ + \ = 2), while each fluoride is 
attached to two aluminum (J + J = 1). In chondrodite, 
HfcMgsSisOio, an oxide is common to one silicon tetrahedron and 
three magnesium octahedra (1 + £ + i + $ = 2). 

The Sharing of Edges and Faces .—The presence of shared edges, 
and particularly of shared faces, in a coordinated structure 
decreases its stability; the decrease is large for cations with 
high valences and small coordination numbers and is especially 
large in case the radius ratio approaches the lower limit for 
geometrical stability of the polyhedron. The loss of stability 
results from the close approach of cations. The sharing of an 
edge between regular tetrahedra reduces the cation-cation dis¬ 
tance in the two polyhedra to 0.58 of its value when only corners 
are shared, while the sharing of faces reduces this distance to 
0.33 of its original value. Between octahedra the effect is not so 
great. Apropos of the above discussion is the order of stability 
of the three forms of Ti0 2 , rutile, brookite, and anatase, the first 
being the most stable. The number of shared edges of the 
TiO« octahedra which make up the structures are two, three, and 
four, respectively. 

Whereas the use of regular polyhedral building blocks leads 
to the construction of an ideal structure, the actual building 
units are usually distorted polyhedra, and it is convenient to 
consider means for the prediction, qualitatively at least, of 
the nature and amount of distortion to be expected. For 
example, cation-cation repulsion will shorten shared edges and 
the edges of shared faces, and it has actually been found that 
the 0-0 distance in shared edges and the edges of shared faces 
is shortened; in AI 2 O 3 , for example, to 2.50 A. The sum of the 
ionic radii is 2.80 A. Secondly, the cation-cation repulsion 
may displace the cations from the centers of their polyhedra. 
This effect is particularly strong if the radius ratio is near the 
lower limit for geometrical stability. It causes a greater displace¬ 
ment of the Al +S ions from the centers of the face-sharing octa¬ 
hedra in corundum ( Ra'-Rx = 0.41) than of the Fe+ 8 ions in 
hematite ( Ra-Rx = 0.48). 

The lower the valence and the larger the coordination number of 
the cations at the centers of oxygen polyhedra, the greater their 
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tendency for sharing edges. Thus, SiC >4 tetrahedra share only 
comers with A10 6 octahedra, but may share edges with MgO« 
octahedra in olivine or with Zr0 8 polyhedra, as in zircon. 

The Nature of Contiguous Polyhedra .—In a crystal containing 
different cations, those with large valences and small coordination 
numbers tend to form isolated polyhedra. This requirement 
follows from the necessity of having those units with the highest 
positive charges as widely separated as possible. In silicates, 
therefore, Si (>4 tetrahedra will share no elements with each other 
if their independent existence be stoichiometrically possible, i.e. t 
if there are, in the stoichiometric formula, four or more 0“ for 
each Si+ 4 . When the number of oxygens per silicon is less than 
four, then corners may be shared but never edges or faces. 

Pauling has described the value of these principles when 
applied to the problem of the structure of complex compounds. 
With them he has been able to predict the structure of brookite 1 
and of topaz. 2 Utilized to supplement X-ray diffraction data, 
they often facilitate the assignment of atomic positions in complex 
crystals when X-ray data alone are quite inadequate for the 
purpose. 3 They offer a valuable check of the validity of any 
complex structure analysis. 

Certain simplifying and explanatory generalizations regarding 
the nature of silicates may be derived from these principles. 

In the simple orthosilicates, containing aluminum and a dival¬ 
ent metal R++, each oxygen ion would be expected to form one 
corner of a Si0 4 tetrahedron, an A10 6 octahedron, and two 
R + + polyhedra to satisfy its valence 1 + \ + ( 4 or \) = approxi¬ 
mately 2 (see Table 101). There would therefore be four times as 
many oxygens as silicons, six times as many oxygens as aluminums, 
and four times as many oxygens as R++; in short, the general 
formula might be predicted as Rz++j AlsSisOu. The garnets are 
the most important minerals to confirm this prediction, 
(Fe++, Mn++) 3 Al 2 (Si0 4 )3. 

A coordination of four is to be expected for A1+ 3 in silicates 
containing a K+ (C.N. = 8). The valence principle would 

1 Paulino, Linus, and J. H. Sturdivant, Z. Krist ., 68, 239 (1928). 

* Paulino, Linus, Proc. Natl. Acad. Sci ., 14, 603 (1928). 

8 Pauling, Linus, Z. Krist. , 73, 97 (1930) (pseudo brookite, Fe&TiQ*)* 
88 , 442 (1933) (zunyite, Ali,Si 6 O 80 (OH, F) 18 C1). 
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require four K + polyhedra, one silicon tetrahedron, and one 
aluminum octahedron to have a corner in common, if Al +3 is 
assigned a valence of three. There is not room enough for this 
arrangement. With aluminum C.N. 4, however, an oxygen can 
share one SiC> 4 , one A10 e , and only two K + polyhedra, contribut¬ 
ing a total of 1 + f + f — 2 positive charges to the oxide ion. 
In a crystal with such a structure there would be one K+ for each 
Al 4 *, a condition which is fulfilled in the important feldspars, such 
as KAlSiOi, KAlSi 3 0 8 . 

An interesting application of these principles of structure 
is illustrated by the synthesis of the 12-acids of tungsten. 1 
Typical example of this group are: 

( 1 ) ( 2 ) ( 3 ) ( 4 ) 

12-tungsto-boric acid H»(B(Wi 07)«) HsBWnOwxHjO HsCBOrWuOuCOH)**) 

12-tungsto-silicic acid H8(Si(Wi07)«) mSiWiaOio’xHgO mCSiO^WuOisCOH)**) 

12-tungsto-phoaphoric acid H7 (P(WjOt)«) HjPWnO^-rHjO Hj(P0rWn0i8(0H)3«) 

These and similar compounds have been systematized and have 
generally been treated in terms of the Werner coordination 
theory 2 which postulates the existence of groups (B0 6 )~ 9 , 
(Si0 6 ) -8 , and (P0 6 ) -7 in which the oxygen atoms are replaced 
by W 20 7 ~ groups, giving the formulas listed in column 2, above. 
This classification, however, cannot represent the true state of 
affairs, for the neutral salts of these acids show that there are 
usually four less replaceable hydrogen ions than are indicated 
above. More reasonable and now generally accepted formulas 
are those listed in column 3. 

Although tungsten usually coordinates four oxygen ions to 
form the tungstate ion, WO 4 ", its size would permit the coordina¬ 
tion of six oxygens to form an octahedral unit. Assuming that 
these octahedra are joined by the sharing of corners by oxygen 
atoms, a group of 12 W0 6 octahedra may be arranged so that each 
octahedron shares three corners and has three unshared corners. 
Since the W + 6 furnishes a positive charge of one to each corner of 
its octahedron, the valences of the O'* at shared corners are 

1 Paulino, Linus, J. Am. Chem. Soc.> 51, 2868 (1929). 

* Miolati, A., J. prakt. Chem. } (2) 77, 417 (1908); Rosenheim, A., 
Z. anorg. Chem., 1910 to 1917 (numerous papers); Ephraim, F., “Inorganic 
Chemistry,” pp. 405-419, Gurney and Jackson, London, 1926. 
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satisfied. The valences of the 36 oxygens at unshared corners 
may be satisfied by adding to each a H+. Now at the center of 
this electrically neutral Wi 2 Oi 8 (OH) 3 6 group is a space which is 
just large enough to admit a B0 4 -5 , Si0 4 “ 4 , or P0 4 “ 3 tetrahedron. 
This tetrahedron tends to stabilize the large groups by introducing 
large negative ions in a region of positive charge, which also tends 
to complete a close-packed arrangement. A structure of less 
than twelve octahedra would not afford sufficient space for this 
stabilizing tetrahedron. The application of structural princi¬ 
ples, based on the size and coordination properties of ions, then, 
leads to the formulas in column 4, which are consistent with three 
characteristics of these compounds. 

1. The number of replaceable hydrogens agrees with that found by 
experiment. 

2. There is no W0 4 " radical, as such. 

3. The large amount of water found in these crystals is accounted for. 
There are 18H 2 0 per mole as water of constitution. Apparently it is only 
when the actual water content is more than 18 molecules that water of 
crystallization is present. 

The structures of H 3 PW 12 O 40 5 H 2 O, H 3 PWi 2 0 4 o*29H 2 0, and 
related substances recently described 1 are not strictly in accord¬ 
ance with the predictions. Each phosphorus coordinates four 
oxygens tetrahedrally, each of which shares a corner of three WOe 
octahedra, giving a total of four positive charges for each of these 
oxygens. The octahedra share edges, a very unusual position 
for octahedra with such a highly charged central ion as W +6 . 
The radical differs from that predicted by Pauling in that the 
oxygens surrounding the central phosphorus are also shared by 
the tungsten, rather than being attached to the phosphorus only. 
There are no OH~ groups in the radical; all water is present as 
H 2 0 molecules, as “ice of crystallization.” Keggin recognizes 
that this structure violates Pauling’s valence rule. He pictures 
the large anion as a whole, composed of a positive center and a 
negative shell, and not as a group of individual atoms or 
ions connected by specific valence bonds. Possibly the bonds 
are nonionic, and this would account for the nonconform¬ 
ity with Pauling’s rule. Keggin’s anion structure has been 

1 Keggin, J. F., Proc. Roy . Soc. (London), A 144, 75 (1934). 
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confirmed 1 and a detailed analysis has been made of the 
positions of the water molecules in the 29 hydrate. It is par¬ 
ticularly interesting that the H 2 0-H 2 0 distances in the crystal 
vary only by the probable experimental error from 2.86 A, 
although they may be attached by three, four, or seven bonds to 
neighboring oxygen atoms or water molecules. 

Glasses. —The structure of. glass has been a problem of great 
interest for many years. It has been described as a supercooled 
liquid; it might be considered an amorphous solid. Nothing has 
been known, however, of the actual structural relationship of the 
various atoms in a glass. 

Glassy silica may be devitrifled to form crystalline cristobalite, 
and the most intense line of the cristobalite diffraction pattern 
corresponds approximately to the same interplanar spacing as 
does the one diffuse diffraction ring of the glass. It has therefore 
been reasoned that the diffuse ring pattern of vitreous silica 
suggests the presence in the glass of very small crystallites of 
cristobalite. 2 Several objections to the crystallite structure 
have been pointed out. 3 

Assuming an analogy between the vitreous structure and that 
of liquids and substances of high molecular weight ( e.g ., resins) 
which form amorphous masses without definite melting points, 
Hagg has suggested that the glass-forming substances are those 
which contain large, cumbersome groups which cannot move 
readily into place in a regular crystal lattice as the material 
solidifies. 4 He visualizes the chain, sheet, and three-dimensional 
networks, typified by certain silicates, as fulfilling these require¬ 
ments. Ca(B0 2 ) 2 , for example, consists of chains of B0 2 
triangles sharing corners, the chains held together by Ca ++ . 
When heat is applied, the Ca-0 bonds are said to break first, and 
the chains are no longer held rigidly in place. Additional heat 
will break the chains into shorter lengths, still sufficiently large to 
impart to the melt its high viscosity. They are not small crystal¬ 
lites of the original crystal, however, because they have lost their 

1 Bradley, A. J., and J. W. Illingworth, Proc. Roy. Soc. (London), 
A 157, 113 (1936). 

* Randall, J. T., H. P. Rooksby, and B. S. Cooper, Z, Krist ., 75, 196 
(1930). 

* Zachariasen, W. H., J. Am. Chem. Soc., 54, 3841 (1932). 

4 Hagg, G., /. Chem. Physics , 3, 42 (1935). 
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rigidity and symmetry. When the melt cools, these irregular 
structural units are too large and inert to assume specific positions 
in a regular crystal lattice. In contrast to the potentially vitreous 
crystal, a substance like NaCl or KCIO 3 breaks down into small 
units when heat is applied; because the Na-Cl or K-CIO* bonds 
all break at once, the substances have sharp melting points; and, 
because the structural units are small, they can reunite in a 
symmetrical, crystalline pattern. 

Orthosilicates do not form glasses, as do the chain, sheet, 
and network silicates. Sulfur and selenium, which exist in some¬ 
what vitreous states are possessed of chain structures, although 
the sulfur chain is closed to form a ring of eight sulfur atoms. The 
orthophosphates form glasses with difficulty, the pyrophosphates, 
H4P2O7, and metaphosphates, HPO3, more easily because the 
lower oxygen ratios in the last two necessitate network structures 
or at least large anion groups. 

The most comprehensive description of the vitreous state was 
proposed by Zachariasen 1 in 1932 who, unlike Hagg, chose to 
reason from the crystalline to the vitreous state. His description 
has since been extended by Warren 2 whose quantitative treat¬ 
ment of the X-ray diffraction intensities for glasses has led him to 
support the general picture proposed by Zachariasen and described 
briefly in the following paragraphs. 

Glasses have approximately the same strength as crystals of 
similar composition, and it may be assumed that the forces hold¬ 
ing the atoms or ions together are similar in glass and in crystals. 

As in crystals, the atoms in glass must form a three-dimensional 
network, but unlike that of crystals, this network is not periodic 
or symmetrical. A comparison of the schematic representations 
in two dimensions for the arrangement of the atoms in a crystal 
(Fig. 50a) and of the same atoms in a glass (Fig. 506) illustrates 
the difference between the crystal and the glass more clearly 
than words can express it. This arrangement has been com¬ 
pletely confirmed by a recent Fourier analysis by Warren and 
coworkers . 3 

1 Zachariasen, W. H., J . Am. Chem. Soc., 64, 3841 (1932). 

* Warren, B. E., Z. Kriat., 86, 349 (1933); Phya. Rev ., 46, 667 (1934); 
J. Am. Ceram. Soc ., 17, 249 (1934). 

8 Warren, B. E., H. Kruttbr, and O. Morningstar, J. Am. Ceram. 
Soc ., 19, 202 (1936). 
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Since the atoms are structurally inequivalent, the breakdown of 
the network with rising temperature is continuous rather than 
sharp. Some bonds will break before others, giving rise to large 
groups which account for the high viscosity of glasses. 

The lack of a definite chemical formula for a glass suggests an 
irregular three-dimensional network, without periodicity or 
symmetry, and the isotropy and transparency of glass are con¬ 
sistent with such a picture. 

Consider the nature of these networks. Goldschmidt 1 found 
that, for those oxides which can exist in the vitreous form, the 




Fig. 50.— (a) Lattice of a two-dimensional crystal A 2 Oa. (6) Lattice of the same 
compound in vitreo. [From Zachariasen, J . Am. Chem. Soc., 54,3841 (1932).] 

radius ratio of the ions lies between 0.2 and 0.4 and is usually 
about 0.3. This suggests a tetrahedral or possibly a triangular 
coordination of oxygens around the central cation, and it is 
proposed that these polyhedra form a network by the sharing of 
corners, as in the typical silicate networks. Inasmuch as glasses 
devitrify very slowly, it may be further assumed that their 
energy content is of the same order of magnitude, but slightly 
higher than that of a crystal of the same composition. This 
requirement imposes certain limitations on the network structure, 
viz .: 

1. An oxygen atom is linked to not more than two cations. 

2. The number of oxygen atoms surrounding the cation must be small. 

3. The oxygen polyhedra share comers but not edges or faces. 

4. At least three corners of each polyhedron must be shared. 

1 Goldschmidt, V. M., Skrifter Norske Videnskaps-Akad. Oslo, no. 8, 137 
(1926). 



THE STRUCTURES OF THE SILICATES 


305 


Rules 1 and 3 must be imposed to prevent a regular periodicity 
in the network and the formation of a true crystal lattice. 

Oxides of the general type AO, of which BeO is a typical exam¬ 
ple, do not satisfy Rule 1, and therefore, although the radius ratio 
in BeO is within the required limits, it never forms a glass . 1 
Oxides of the types A 2 0 3 , A0 2 , and A 2 0 5 satisfy the rules 1, 3, and 
4 if the oxygen atoms form triangles (in A 2 0 3 ) or tetrahedra (in 
A0 2 and A 2 0 5 ) around each atom A. Oxides A0 3 , A 2 0 7 , and 
AO 4 in which the oxygens form octahedra or cubes around each 
atom A appear to violate rule 2 , for no vitreous forms of these 
oxides are known. It may be shown geometrically that a con¬ 
tinuous network of octahedra or cubes must be periodic and 
symmetrical. 

The cations that satisfy the radius ratio rule, which coordinate 
either three or four oxygen atoms, and which may be expected to 
form vitreous oxides are: B+ 3 , P +3 , As+ 3 , Sb+ 3 ; Si +4 , Ge +4 ; P+ 5 , 
As+ 6 , and probably Sb+ 5 , V+ 5 , Cb+ 5 , and Ta+ 5 . Of these B 2 0 3 , 
As 2 0 3 , Sb 2 0 3 (probably), Si0 2 , Ge 0 2 , P 2 0 5 , As 2 0 5 have already 
been prepared, and the existence of Sb 2 0 3 and V 2 0 5 is indicated. 

Oxide Glasses in General (A m B n 0 ).—It follows that a glass made 
up of two or more oxides must contain appreciable amounts of one 
of the oxides listed above. This constituent forms the triangle or 
tetrahedral framework, and, if it is to meet the requirements listed 
above, it must include relatively large holes, bounded by oxygen 
atoms. Into these holes may be fitted the larger basic cations A, 
always found in glasses . 2 Because there is no periodicity to the 
framework, the holes are distributed statistically, and an indef¬ 
inite number of these holes may be filled by basic ions. Thus 
glass, as is well known, has no definite chemical formula. 

Furthermore, the cations A which may exist in these holes in 
the framework must meet certain requirements. Their presence 
must not alter the potential energy of the glass appreciably. 
Repulsive potentials will arise between cations A and B y and these 
must be kept at a minimum. Thus, the charge on A must be 
small and the distance A-B must be large, i.e., the radius of A 

1 But BeF 2 fulfills all these postulated requirements and is known to form 
a typical vitreous structure. 

Warren, B. E., Z. Krist 89, 481 (1934). 

* Warren, B. E., and A. D. Loring. J. Am. Ceram. Soc. y 18, 269 (1935). 
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must be large. The cations which fulfill these criteria and which 
are usually found in glasses are: Na+, K+, Ca**, Ba++, Pb++. 

The electrical conductivity of glass may doubtless be attributed 
to the actual migration of these cations through the network. 
Pyrex glass, relatively poor in cation A, is a very poor conductor. 
It was shown some years ago that a quartz conducts a current 
only along the principal axis, in which direction the packing of 
spheres leaves channels which permit the passage of Li+ and Na+, 
but not K+. 1 

The mechanism of conduction, as related to the supposed 
structure of glass, bears a close resemblance to the phenomenon of 
base exchange as related to the structure of the zeolites. The 
glass and zeolite structures are very similar. They differ 
fundamentally in that the glass framework is without periodicity 
or symmetry, whereas the zeolite framework is a true crystalline 
structure. 

Although the broad conception of the vitreous structure as 
described by Zachariasen is essentially the same as that proposed 
much later by Hagg, Zachariasen’s theory is more detailed and 
precise in its application. Both picture three-dimensional 
networks which break down into large, slow-moving groups; 
but Zachariasen goes further in that he offers conditions for the 
existence of these networks and sets up requirements for their 
formation without periodicity or symmetry. 2 

The general picture of the silicate structure which has been 
described in the foregoing pages has an interesting bearing upon 
the position of silicon in the periodic table. Considering its neigh¬ 
bors, we find that Mg and A1 form continuous ionic lattices; P, S, 
and Cl form structural groups which lead to weak molecular 
lattices; C is able to combine with itself to form the chains and 
rings of organic chemistry; and Si (and apparently Ge) is able to 
form, through oxygen linkages, -Si-O-Si-O-Si-O-Si-, the Si0 4 
tetrahedral polymers, chains, sheets, and networks which differ¬ 
entiate the silicates from the majority of other inorganic salts. 

1 Bragg, W. H., Proc. Roy. Soe. {London), A 109, 405 (1925). 

* Zachariasen, W. H., J . Chem. Physics, 8, 162 (1935). 



CHAPTER IX 


THE STRUCTURES OF WERNER COMPOUNDS 


At about the turn of the century, Werner 1 proposed a very 
ingenious system for the classification of complex compounds. He 
included the familiar oxygen salts but was more, particularly 
concerned with the molecular structure of the hydrates, ammoni- 
ates, and ternary compounds other than oxygen salts, such as 
K 2 PtCl 4 , KMgF 3 , and the like. 

When Werner proposed his coordination theory, it was common 
practice to write the structural formulas of oxygen salts as follows: 



NH 4 —O—I 


/° 

V)’ 


etc. 


This system failed, however, for compounds like KBF 4 , KMgF 3 , 
and many others, and compounds of this type were frequently 
considered to be double salts, written KF*BF 3 , KF*MgF 2 , etc. 
It was Werner’s contention that a compound like KMgF 3 does 
not differ, structurally, from NH 4 I0 3 or CaTi0 3 ; and that KBF 4 
and BaS0 4 are alike in their essential structural characteristics. 
He proposed that there exists a type of secondary valence in 
addition to the primary valence, or combining power, as it was 
then recognized; and that, exercising this secondary valence, ions 
(usually positive ions) have the power to coordinate other ions of 
opposite charge, or sometimes neutral molecules, to form complex 
ions. He observed that the number of ions or molecules which 
can be coordinated is usually four or six, and suggested that these 
are arranged tetrahedrally or octahedrally around the central ion. 
The number of ions or groups which can be held through secondary 
valences by any central ion has been termed the coordination 
number of the latter. Werner used the term coordination number 
in connection with the structure of a single complex molecule, 

1 Werner, Alfred, Z . anorg. Chem. t 3, 267 (1893). 
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whereas the crystal chemist uses it to describe the arrangement of 
atoms or ions in a crystal, but the term has the same meaning in 
both cases. 

The coordination theory proved very useful in reconciling many 
of the ammoniates and hydrates with the accepted ideas of valence, 
particularly when the number of NH 3 or H 2 0 molecules in the 
compound is four or six. The familiar Co(NH 3 ) 6 C1 2 , for example, 
was written 

T NH 3 1++ 

NH 3x I /NHal 

nh 3 

nh 3 



and it was suggested that the ammonia molecules lie at the cor¬ 
ners of an octahedron about the Co ++ , the coordination number of 
which is six. 

The remarkable fact is that Werner's coordination theory was 
launched with very little supporting experimental evidence. It 
was largely theoretical, and the data which were available made 
only indirect contributions to the conclusions drawn. Ever 
since its proposal, however, data have accumulated which bear 
witness to Werner's keen insight. First, the electronic theory of 


valence 1 substituted for the old structural formula Ba< 


\ 



: 0 : 

the electronic formula Ba + + :0:S:0:“, and for KBF 4 , 

: 0 : 


:F: 

K + : F: B: F: Then the crystalline structures of many of these 

”:F:“ 


complex compounds were determined, and at every turn Werner's 
predictions have been shown to be well founded. KBF 4 is 
isomorphous with BaS0 4 ; in crystals of the former, BF 4 tetrahedra 


1 Lewis, G. N., “ Valence and the Structure of Atoms and Molecules,” 
Reinhold Publishing Corporation, New York, 1923; J. Chem. Physics , 1, 
17 (1933); Noyes, W. A., Chem. Rev., 17, 1 (1935). A review of electronic 
theories. 
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actually exist, whereas the BaS0 4 crystal is built of Ba 44 and SO 4 
tetrahedra. A crystal of Co(NH 3 ) 6 C 1 2 has the structure of CaF 2 ; 
the F" lattice points are occupied by the Cl“, while Ct^NHs )# 44 
groups lie at the Ca 44 lattice points. The NH 3 molecules are 
located at the corners of a regular octahedron, attached to the 
central Co 44 " by forces which are essentially nonionic in character. 

The Crystalline Structures of the Werner Compounds. —The 
list of compounds of this type for which structures have been 
determined grows very rapidly. A few general observations must 
suffice to show that the elementary rules of crystal chemistry may 
be extended to include even these complex structures. The 
majority of the Werner compounds which have been analyzed are 
those with the general formula A 2 BX%. They generally crystal¬ 
lize in one of the five structures listed in Table 103, even though 
they include a wide variety of intricate formulas, typified, in part, 
by those given in this table. 


Table 103. —The Structures of Some Typical Werner Complexes 


Structure. 

(NH 4 ) 2 PtCl 6 

(NH 4 ) 2 Pt(CNS) 6 

Sr(H 2 0) 6 Cl 2 

Examples. 

K 2 PtCl« 

Co(NH 3 ) 6 C1 2 

Co(5NH 3 H,0)S0 4 Br 

Fe(NH 3 ) fl (BF 4 ) 2 

Cd(NHi)«(S0 3 F) a 

K 2 SeBr c 

Ca(NH 3 ) 6 Br 2 

Co(NH 2 CH 3 ) c I 2 

(CH 3 (C 2 H0 3 P) 2 SnCl6* 

(NHdsMoOsFat 

Rb 2 Pt(CNS)« 

K 2 Pt(CNS)« 

Ba(H 2 0) 6 l2, and 
other h e x a h y - 
drates of alkaline 
earth halides 

Ca(H 2 0)eBr 2 

Structure. 

Distorted (NH 4 ) 2 PtCl 6 

Ni(H,0),SnC14 

Examples. 

(N(CH,) 4 ),SiF.§ 

(N (CsHs) ,CH s),SnCl«|| 

Co(NH 3 ) fl -Co(CN) 6 
Co(NH 3 )6H 2 OFe(CN) 6 
Co(NH 3 ) 4 (H 2 0) 2 Co(CN)e, etc. 


♦Corby, R. B., and R. W. G. Wycroff, Radiology , 15, 241 (1930). 
t Paulino, Linus, J. Am. Ckem. Soc., 46, 2738 (1924). 
t Paulino, Linus, Z. Krist., 72, 482 (1930). 

5 Corby, R. B., Z. Krist., 82, 10 (1934). 

l| Wycroff, R. W. G., and R. B. Corky, Am. J. Sci ., 18, 437 (1929). 
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The large majority are isomorphous with (NH 4 ) 2 PtCl«, 
which may be described as a CaF 2 lattice, in which the 
Ca 44 * positions are occupied by the BX* radicals PtClr*, 
Co(NH,).++ Co(NH 3 )6(H 2 0) + +, Fe(NH 3 ) 6 ++, Cd(NH 3 ) 6 ++, 

SeBre"", Co^HaCHs)* 4 ^ whereas the F~ positions are occupied 
by those ions in each compound which correspond to the A 2 ions 
in the general formula A 2 BX 6 . In the examples given, the A 2 ions 
are K 2 ++, Cl*-, S0 4 Br= (BF 4 ) 2 “ * (S0 3 F) 2 “, Br 2 “, I 2 ~, 
[P(C 2 H 6 ) 3 CH 3 ] 2 " k ‘, and, in the distorted (NH 4 ) 2 PtCle structure, 
[N(CH 3 ) 4 1 2 ' h ' and [N(C 2 H 5 ) 3 CH 3 CH 3 ] 2 ' f+ . Several of the com¬ 
pounds listed deserve a word of explanation. (NH 4 ) 3 Mo 0 3 F 3 
contains one too many NH 4 + groups per molecule to crystallize 
in the CaF 2 lattice: (NH 4 ) 2 Mo 0 3 F 3 , however, completes the CaF 2 
lattice points, and the additional NH 4 groups occupy positions at 
the middle of the edges (0 0 J, 0 £ 0, \ 0 0) and at the center 
(£ \ 2 ) of the unit cube (see Fig. 4, Chap. I). When the group 
which occupies the F~ points of the CaF 2 lattice becomes too large 
[as N(CH 3 ) 4 + and N(C 2 H 5 ) 3 CH 3 +], it cannot be accommodated 
without distortion of the lattice and the formation of a unit of 
structure with slightly unequal dimensions. 

The Ni(H 2 O) 6 SnCl 0 structure is roughly isomorphous with 
CsCl. The lattice points are occupied by Ni(H 2 0) 6 ‘ H “ and 
SnCle 44 * units, both of which are essentially spherical, the water 
molecules and Cl“ being coordinated octahedrally around the 
Ni++ and Sn* 44 , respectively. 

One of the outstanding characteristics of the complex oxygen 
compounds discussed in an earlier chapter is their low sym¬ 
metry, as compared with the prevailing cubic and hexagonal 
symmetry of the binary compounds. In strong contrast, the 
structures of these more complex Werner compounds are of high 
symmetry, the cubic CaF 2 and CsCl-like structures predominat¬ 
ing. From the crystal chemical viewpoint, the reasons for the 
occurrence of these simple structures are obvious. The BX* 
group, corresponding to the cation A in the binary type formula, 
is large; it therefore maintains the Ra'Rx ratio above 0.73, the 
lower limit for the stability of the CaF 2 arrangement. The 
octahedral BX* group is not easily polarized, and, because of its 
size, it cannot polarize the anions; the building stones are there¬ 
fore essentially spherical. A comparison of the structures of 
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C0I2 and Co(NHg) 6 l2 serves to illustrate the effect of these 
factors. The former has the structure of Cdl 2 , a layer lattice 
common among binary compounds for which the radius ratio 
lies below 0.73 (for CoI 2 , it is 0.36) and in which an easily dis¬ 
torted anion is polarized by a small, highly charged cation. 
But, let the Co + + coordinate six NH 3 molecules; it increases in 
size, loses its polarizing effect on the I“, and the conditions 
favoring the CaF 2 structure become operative. 

Of course, the wide range of substitutions which can be made 
for NH 4 + , Pt+ 6 , or Cl~ in the (NH 4 ) 2 PtCl6 structure bear further 
witness to the proposition that the structure of a crystal depends 
upon the relative numbers and relative sizes of its building 
stones. The CaF 2 structure is very tolerant of variations in the 
sizes of cations and anions. 

Of the Werner compounds, the hydrates and ammoniates 
deserve special attention. Invaluable pioneering work in the 
study of the complex ammoniates is linked with the names of 
Ephraim, Biltz, and Grimm. 1 O. Hassel, S. B. Hendricks, 
and R. W. G. Wyckoff have been the principal contributors to 
our knowledge of the crystal structures of the Werner complexes. 

Although both hydrates and ammoniates are more apt to 
crystallize with four or six molecules of water or ammonia, 
hydrates are known with from 1 to 31 molecules of water and 
ammoniates with from 1 to 20 molecules of ammonia. Werner’s 
system obviously does not provide for such complexes, and in 
the past they have proven somewhat baffling from the structural 
standpoint. 

The Structures of Hydrates and Ammoniates. —It now appears 
that water may exist in a crystal in three different forms, viz.: 

1. Water of constitution—the structural unit being the OH ion. 

2. Water of crystallization—the structural unit being the H 2 0 
molecule, which is coordinated to a definite central ion, or is 
required in a definite position in the crystal lattice to maintain 
the stability of the latter. 

3 . Zeolitic water—molecules of water occupying holes in the 
lattice and not a factor in its stabilization. Infrared absorption 

l See in particular, numerous publications of these authors, usually in 
Z . anorg . allgem . Chem . Biltz, W., Z. anorg . Chem ., 139, 93 (1932), is a 
summary of work up to that date. 
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spectra recently determined are said to show that the water 
is absorbed by weak physical forces only, since the wave lengths 
of the water bonds in the zeolites are the same as those for pure 
water. 1 

When a hydrate contains four or six H 2 0 per molecule, it may 
be anticipated that these are present as water of crystallization, 
generally coordinated tetrahedrally or octahedrally to the posi¬ 
tive ion. Such is the case in BeS0 4 -4H 2 0, the structure of which 
is a packing of BeCHjjO)^ and S0 4 = tetrahedra, and in 
NiSnCl 6 *6H 2 0, built of Ni(H 2 0) 6 ++ and SnCl 6 " octahedra. 
Gypsum has an interesting structure. It is a layer lattice in 
which layers of Ca and S0 4 ions are separated by planes of Water 
molecules, accounting satisfactorily for the cleavage properties. 
Possibly each water molecule forms hydroxyl bonds with oxygen 
atoms of S0 4 “ in successive layers. Each calcium ion coordi¬ 
nates six 0” and two H 2 0. 2 It has been reported that part of 
the water may be removed from gypsum without any alteration 
of the lattice. 3 

Often, when the number of H 2 0 per molecule is other than four 
or six, it is found that all or part of the water is strongly held 
water of constitution, 4 or is zeolitic water. The former is found 
in the crystals of many of the hydroxides or hydrous oxides, 
A1 2 0 3 *H 2 0, A1 2 0 3 * 3 H 2 (), Zn(0H) 2 ; in many silicates and in other 
complex minerals, such as hambergite, built of B0 3 triangles and 
Be(0 3 0H) tetrahedra. 5 

The zeolites, as typified by natrolite, are three-dimensional 
networks of Si0 4 tetrahedra which lose or take up water mole¬ 
cules without any apparent change in crystal structure. It 
has also been found that many hydrates other than the zeolites 
contain so-called u zeolitic 77 water—water lying in holes in 
the crystal lattice, more or less apart from the general plan of 
the structure. The water molecule in Pd(NH 3 ) 4 Cl 2 H 2 0 and 
the fifth molecule in CuS0 4 -5H 2 0 arc of this nature, as is that in 
(NH 4 ) 2 C 2 0 4 'H 2 0. 6 Analysis of the structure of NiSo 4 -7H 2 0 

1 Passerini, L., Oazz. chim. ital., 65, 534 (1935). 

* Wooster, W. A., Z. Krist., 94, 375 (1936). 

3 Caspari, W. A., Proc. Roy. Soc. (London), A 155, 41 (1936). 

4 But in LiC 104 * 3 H 2 0 there are six H 2 0 coordinated to each Li + . 

6 Zachariasbn , W. H., Z. Krist., 76, 289 (1931). 

• Hendricks, S. B., and M. E. Jefferson, J . Chem. Physics, 4,102 (1936). 
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shows an arrangement of SO 4 tetrahedra, Ni(H 2 0)e octahedra, 
and an extra molecule of water. 1 Although they resemble the 
water in zeolites in regard to position, these water molecules 
differ in that their removal disrupts the crystal lattice; an 
indication, borne out by their heat of decomposition, that they are 
more firmly held than typical zeolitic water molecules. 

In all of the ammoniates for which the crystal structures are 
known, the ammonia molecules are coordinated like water of 
crystallization. The stepwise replacement of 6 NH 3 by 6H 2 0 in 
crystals of compounds like Co(NH 3 )6C1 2 , without any alteration 
of the crystal lattice, offers sufficient evidence of the spacial 
equivalence of the water and ammonia molecules. 

The Occurrence and Stability of Hydrates and Ammoniates. — 
A complex ion is formed when a simple ion attracts other ions or 
molecules. The central ion of the complex usually attracts 
molecules which are permanent dipoles, molecules such as water 
or ammonia; but, in the formation of polyhalides, for example, a 
complex ion may be formed by the attraction of a molecule, like 
I 2 , which is not a permanent dipole but becomes polarized in the 
proper environment. 

The conditions for the stability of hydrates and ammoniates 
are similar to those governing the stability of the complex oxygen 
salts, discussed previously. The mechanism of complex forma¬ 
tion is also, in a general way, akin to the mechanism of solution. 
Solution in water involves the breakdown of a crystal and the 
formation of a complex, hydrated ion; solution in. ammonia 
involves similar breakdown with the formation of ammoniated ions. 

The coordination of ammonia or water molecules by a simple 
positive ion may be represented by the reaction 

AX + nM (A • nM)+X~ (1) 

In order that the complex may be formed, the ions A and X in the 
simple crystal must be separated to make room for n molecules of 
M . As an approximation, if the reaction is to go to the right, the 
energy E 2 liberated by the coordination of nM to A must be 

1 Beevers, C. A., and C. M. Schwartz, Z. Krist., 91,157 (1935). 

2 More precisely, the course of Reaction (1) is determined by the free 
energy change. There may be an entropy term sufficiently large to influence 
the reaction. 
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greater than the lattice energy U of AX. That is, in the relation 

Q = E -V (2) 

the heat of the reaction AX + nM —> (A * nM)X must be positive. 
Obviously relatively strong dipoles of small volume, of which 
water and ammonia are typical examples, favor complex forma¬ 
tion of this type. 

It is a relatively simple matter to define in a qualitative way 
the factors which influence complex formation. The term E f in 
Equation (2), may be evaluated if the attraction of the metallic 
ion A for molecules M is considered to be due to the formation of a 
covalent bond or to the influence of polarization. Those atomic 
and ionic properties which influence the nature of the bonding 
force and also the degree of polarization have been examined in 
some detail. In general, it may be stated that the A cations tend 
to form so-called “ion-dipole” bonds, largely as a result of the 
polarization of the neutral polar molecule; whereas complex 
formation by the B cations probably involves considerable 
covalent bonding energy. 

1. The Size of the Central Ion .—For ions with the same valence 
and electronic structure, a small ion tends to form a complex 
more readily than a large ion, probably because it polarizes the 
dipole more strongly. Thus LiCl*5NH 3 is a stable compound, 
whereas ammoniates of KC1, RbCl, and CsCl are unknown. 
CaCU crystallizes with six molecules of water, and the Ba ion 
in BaCl 2 can coordinate only two. Sodium salts are more 
frequently hydrated than are potassium salts, as witness: 


Na 2 S 04 * 7 H 2 0 

Na^OHOHaO 

K 2 SO 4 

Na 2 CK> 4 - 10 H 2 O 

KjCrOi 

Na 2 C0 3 7H20 

Na 2 CO 3 10H 2 O 

K 2 C0j*2H 2 0 

Na 2 Cr 2 0 7 2H 2 0 

K 2 Cr 2 0 7 

Na 2 PtBr6'6H 2 0 

KjPtBre 

NaBr*2H 2 0 

KBr 


The influence of the size of the metal ion upon lattice energy 
must not be overlooked, but the evidence indicates that as A 
grows smaller its attraction for the neutral dipole increases faster 
than does the lattice energy. 
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2. The size of the anion bears an important relation to complex 
formation as it determines lattice energy. Although KC1 forms 
no ammoniates, the complexes KBr*4NH 3 and KT 6 NH 3 are 
known. Associated with Cl“, Li + can coordinate only 5NH 3 , 
whereas in the I~, Li + coordinates 7NH 3 . The lattice energies 
of the potassium or lithium halides decrease in the direction 
Cl —> Br —> I, because of the increasing size of the anion. The 
chlorides and bromides of A1+ 3 , In+ 3 , and Ga +3 form ammoniates 
with 14NH 3 , while the iodide coordinates 20 NH 3 . The fluorides 

Table 104.—Maximum Number of Ammonia Molecules Combining with 
Positive Ions in Halides 

Number 

of NHs Positive Ions 

20 Ce+ 4 , Au +3 

18 Th +4 , Zr +4 , Sn +4 

12 Fe +3 , Nd +3 

11.5 Sm + * 

10 Co ++ (Cl), Zn ++ (C1), Tl + \ Ba ++ (I) 

9 Al +3 , Sn ++ , P +5 (Br) 

8 Ca ++ , Sr ++ , Ba ++ , Pb++, Ti^ 4 , Ta +i , P+*(C1) 

7 Li + (I), Nb +6 

6.5 Li + (Br) 

6 Be ++ , Ni ++ , Co ++ (Br, I), Co+ 3 , Fe ++ , Cu++, Mn ++ , Zn + +(Br, I), 

Cd ++ , Mg ++ , Pt +1 , Cr +3 , Si +4 , Sb+ 5 , La+ 3 , Na+(I), K + (I), NH 4 \ 
metallic Ca, Sr, and Ba 
5.75 Na+(Br) 

5 Li + (C1), P +3 

4 Te+ 4 , As +3 , Pt ++ , K + (Br) 

3 Cu+, Ag+, Ti + , Bi +3 , In +3 , Rb + (Br) 

2 Au + , Sb+ 3 

0 Cs + , Ce ++ , K + (C1), Rb + (C1) 

because of the small anion and high lattice energy form neither 
hydrates nor ammoniates . 1 ^Further evidence of the importance 
of the size of the anion may be found in Table 104, showing the 
maximum number of NH 3 molecules combining with positive 
ions in halides . 2 

Clark recognized the influence of relative ionic sizes upon the 
stabilities of ammoniates many years ago when he observed that 
the greater the difference in size of cation and anion, the larger the 

1 Klemm, W., Z. anorg. aUgem . Chem 163, 240 (1927). 

* Clark, G. L., Am, J, Sci., 7, 8 (1924). 
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cavities in the space lattice available for coordinated molecules, 
and therefore, the more stable the coordination compound 
formed. 1 He emphasized the geometric limitations rather than 
the energy relations. 

3. The Charge of the Central Ion .—The polarizing power of an 
ion increases with valence, as does the tendency to covalent bond 
formation. It is evident from Table 104 that the univalent 
metal ions coordinate very few ammonia molecules, whereas 
the complexes containing more than 10NH 3 are those of tri- 
and tetravalent ions. Univalent ions which coordinate six or 
more ammonia molecules are rare. The influence of the charge 
of an ion on its coordination number, as derived by Kossel, has 
already been described. 

The charge of the central ion as it affects lattice energy 
and thus, indirectly, complex formation must be considered. 
Hydrates and ammoniates of divalent compounds with high 
lattice energies, like the oxides and sulfides, essentially ionic 
lattices, are unknown. Only the halides of divalent metals which 
crystallize for the most part in relatively weak layer lattices form 
stable complexes. In structures of this type, with increasing 
charge of the ion, the attraction for the dipole increases faster 
than does the lattice energy, and for the di-di valent compounds 
(oxides and sulfides) the reverse is true. 

4. The charge of the anion is also significant. Complex forma¬ 
tion becomes increasingly difficult as the charge of the anion 
increases, other things being equal, because under these conditions 
the strength of the crystal, which must be broken down to admit 
the coordinated molecules, is increasing. 

5. The Electronic Structure of the Central Ion .—Cations of 
the B subgroups are more strongly polarizing than those of the A 
subgroups and exert a greater tendency to form the covalent 
bond. It is not surprising, then, that the 18-shell cations and 
the cations of the transition elements form complex ions more 
readily than those with the rare-gas configuration. Typical 
illustrations of this tendency are given in Table 105. 2 In 

1 Clark, G. L., and H. K. Buckner, J. Am. Chem . Soc. f 44 , 230 (1022); 
Clark, G. L., A. J. Quick, and W. D. Harkins, J. Am. Chem. Soc ., 42 , 
2483 (1920). 

* van Arkel, A. E., and J. H. deBoer, “Chemische Bindung,” p. 190, 
S. Hirzel, Leipzig, 1931. 
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general, hydrates and ammoniates, particularly the latter, are 
more common among the transition and B cations than among 
the A cations. 

It has already been noted that, for the A cations, the stability 
of the complex ion increases with increasing size of the anion. 
For the B cations the reverse is true. Thus, although the heat 
of formation of Li(NH 3 ) 3 Cl is 34.5 kg. cal. and that ofLi(NH 3 ) 3 I is 
42.0 kg. cal., the heat of formation of Ag(NH 3 ) 3 Cl is 30.0 kg. cal. and 


Table 105.—Influence of Electronic Structure of Central Ion on 
Complex Stability 


Complex 

A cations 
size, A 

Heat of 
formation, 
kg. cal. 

Complex 

B cations 
size, A 

Heat of 
formation, 
kg. cal. 

Li(NH 3 ) 3 Cl 

0.68 

34.5 

Cu(NH 3 ) 3 C1 


37.2 

Ca(NH 3 ) 4 Cl 2 

1.06 

51.8 

Cd(NH a ) 4 Cli 

1.03 

55.5 

Mg(NH 3 ) 3 Cl 2 

0.78 

38.7 

Zn(NH 3 ) 3 Cl 2 

0.83 

44.2 


of Ag(NH 3 ) 3 I is 24.0 kg. cal. 1 This inversion probably may best 
be attributed to the greater influence of the covalent bond. The 
lattice energies of the B cation halides are augmented much more 
by the increasing covalent bonding term than are the lattice 
energies of the A cation halides. In the formation of the com¬ 
plex, the energy required to overcome the strongly covalent Ag-I 
bond is greater than that required to overcome the Ag-Cl bond 
with a smaller covalent term and the stability of the iodide 
ammoniate is therefore lower than that of the chloride. In 
contrast to the data for the chlorides in Table 105, the ammo¬ 
niates of the bromides and iodides of A cations are quite apt 
to be more stable than those of the bromides and iodides of 
B cations. 

6. The Size of M .—When the coordinated molecule M is small, 
it occupies less space and therefore less energy is required to 
separate A + and X~. Again, when M is small, the radius ratio 
limitation will permit the central ion to coordinate a larger num¬ 
ber of M molecules. Finally, when M is small, its dipole center 
can approach nearer to the coordinating ion, the energy liberated 
by the formation of the complex will be greater, and the stability 

1 Biltz, W. } and H. G. Grimm, Z . anorg. aUgem. Chem ., 145, 63 (1925). 
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of the complex will increase. In short, small neutral molecules, of 
which water and ammonia are the best examples, show the 
greatest tendency to form complexes. 

It is possible for relatively large molecules or groups to form 
complexes when they are unsymmetrical in shape and the dipole 
center lies near one end. As shown schematically in Fig. 51, 

four sausage-shaped molecules may be 
as easily held, in regard to available 
space and distance between centers of 
charge, as can four spherical mole¬ 
cules of perhaps only one-quarter their 
size. Organic hydroxides and amines 
can frequently form complexes, ab¬ 
sentation of coordination of though they are invariably less stable 
unsymmetrical molecules as 

compared with symmetrical than the corresponding hydrates or 
molecules. ammoniates. The large coordinated 

molecules form a large complex cation, and the lattice energy 
of the complex crystal will therefore be small. Thus 



Unsymmetriccil Symmetrical 
Fig. 51.—Schematic repre- 


Heat of Formation,* 


Compound kg. cal. 

Li(NH 3 ) 3 Cl 34.5 

Li(NH 2 CH 3 ) 3 Cl 34.4 

Li(NH(CH 3 ) 2 ) 3 Cl 24.1 

Li(NH 2 CH 3 ) 2 Cl 23.8 

Li(NH(CH 3 ) 2 )2Cl 16.5 

Li(N(CH 3 ) 3 ) 2 Cl 13.1 


*8imon, A., and R. Glaunbr, Z. anorg. allgem. Chem 178,177 (1029); A. E. van Abkbl 
and J. H. de Boer, “Chemische Bindung,” p. 163, S. Hirzel, Leipzig, 1931. 


Ethyl alcohol, ether, pyridine, and many other polar molecules 

are known to form complexes 1 of which ma y 

be picked as a typical example. 

7. The Polarity * of M .—In general, a molecule with a large 
dipole moment shows a stronger tendency to form complexes. 
Again, water and ammonia stand first in this respect. 

The molecule with the largest dipole moment is not necessarily 
the one to form the most stable complexes. The dipole moment 
of water is greater than that of ammonia, but, because of its 

1 See, for example, a recent review of newly prepared coordination com¬ 
pounds. Wardlaw, W., Ann. Repts. {London), 80, 96-110 (1933). 
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greater polarizability, a strong moment may be induced in 
ammonia by strongly polarizing cations. Thus, in certain 
instances, its total dipole moment may be greater than that of 
water. 

Of the univalent positive ions, H+ is the only one small enough 
to form an ammoniate more stable than the hydrate. When 
ammonia is added to an acid solution, the ammonium ion, NH 4 +, 
is formed at the expense of the hydronium ion, HaO + . For the 
lithium halides, the ammoniates and hydrates are about equally 
stable, but the hydrates of the larger alkali halides are more stable 
than the ammoniates. Of the divalent A cations, only the 
ammoniates of beryllium are more stable than the hydrates. 

Other things being equal, the ammoniates of the B cations are 
apt to be more stable than the hydrates. This leads back to the 
consideration of solubility. Silver chloride is insoluble in water 
because the attraction of the Ag ion for water molecules is not 
strong enough to overcome the lattice energy of the crystal; but 
Ag+ can attract the ammonia molecule more strongly than it 
can water, and silver chloride is therefore soluble in ammonia. 

Many ammoniates of the B cations and transition element 
cations are prepared by displacing the water from the hydrates 
by the addition of ammonia, emphasizing further the greater 
stability of these ammoniates, as compared with the hydrates. 

A comparison of the complex-forming tendencies of water and 
ammonia is not complete without mention of the possible occur¬ 
rence of the hydrogen bond, much more likely to function as a 
bonding instrument for water molecules than for ammonia. 
There are indications that through the formation of hydrogen 
bonds, water often enters into complex formation where ammonia 
cannot. 

Molecular Complexes.—Ionic fluorides cannot coordinate 
ammonia because the high lattice energy of the crystals cannot 
be overcome. However, SiF 4 , PF 6 , etc-., fluorides which crystal¬ 
lize in molecular lattices, form ammonia complexes readily, since 
to expand a weak molecular lattice requires very little energy. 

Similarly, H 2 S, which is too weak a dipole to form complexes 
with ionic crystals, forms compounds like SnCl^HjS 1 with the 
molecular crystal of SnCl 4 . 

1 Biltz, W ., and E. Keunecke, Z. anorg . aMgem. Chem. t 147, 171 (1925). 
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Change of Lattice Type by Complex Formation.— It is possible 
to transform a layer lattice into a molecular lattice or an ionic 
lattice by the addition of ammonia molecules. One molecule 
of NH 3 , added to A1C1 3 , joins with the Cl~ to screen the A1+ 3 so 
that the layer lattice of A1C1 3 is transformed into a typical molec¬ 
ular lattice, in which AICI 3 NH 3 molecules exist as discrete 
units of structure. From the coordination standpoint, the 
progressions A1C1 3 —» AICI 3 NH 3 and A1C1 3 —» SiCl 4 involve a 
change from a partially ionic to a molecular lattice for the same 
reason. Four negative or dipolar building units around the 
positive ion are able to isolate it from other positive ions so that 
it forms a distinct structural unit. Many years ago it was sug¬ 
gested that the lower amines might be viewed as molecular 
complexes. 1 If more NH 3 molecules are added to AICI 3 , an 
ionic lattice is formed. 

C 0 CI 2 crystallizes as a layer lattice, but Co(NH 3 ) 6 Cl 2 forms a 
typical ionic lattice. 

The Nature of the Bonds within a Complex Ion. —A central 
ion, positive or negative, may coordinate ions or atoms [as in 
K 4 Fe(CN) 6 or K 4 FeF 6 ], dipole molecules [as in Pt(NH 3 ) 6 Cl 4 or 
Cr(H 2 0) 6 Cl3], or nonpolar molecules (as in CsIT 2 ). The central 
element need not be an ion; methane and chlorine, as well as the 
rare gases, 2 can form hydrates. Lithium and calcium and other 
metals form ammoniates. 3 

Evidently there is no new and unique bonding force which is 
responsible for all complex formation; rather, the bonds differ in 
different complexes, and they are types which have already 
become familiar. In general, they are doubtless intermediate in 
character and the predominant type may be surmised from 
characteristic properties. 

When the coordinated members are ions or atoms, then the 
bond is essentially ionic or predominantly covalent or of a truly 
intermediate character, depending upon the nature of the 
coordinated group. A consideration of magnetic moments often 

1 Clark, G. L., Am. J. Sci., 7, 21 (1924). 

2 Villard, P., Compt. rend ., 123, 377 (1896) (hydrates of methane and 
chlorine); Forcrand, R. de, ibid ., 176, 355 (1923); 181, 15 (1925). 

3 Biltz, W., and G. F. Huttig, Z. anorg'. allgem. Chem. } 114, 241 
(1920). 
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gives the clue. Thus Pauling, 1 using the wave mechanics, has 
calculated that for electron-pair bonds the magnetic moment 
should be 1.73 and for the ionic bond, 5.91. The experimental 
values are for K 4 Fe(CN) 6 and K 4 FeF 6 , 2 and 5.88, respectively, 
suggesting that the bond in Fe(CN) 6 “ 4 is essentially covalent, 2 
while that in FeF 6 “ 4 is largely ionic. This, after all, is in keeping 
with the known qualitative characteristics of the CN and F ions. 
The former is easily polarized and commonly forms a bond more 
nearly covalent; the F“ is not easily polarized and tends to form 
an ionic bond in all its compounds. 

The bond coordinating neutral polar molecules ( e.g ., H 2 0 or 
NH 3 ) to an ion [as in Cr(H 2 0)6+ 3 ] has been termed an ion-dipole 
bond and is probably essentially ionic in nature when the cation 
is an 8-shell ion. When water or ammonia is coordinated to an 
18-shell ion, characterized by a tendency to form covalent bonds, 
the coordinating bond is more apt to be of an intermediate type. 
Thus magnetic susceptibility measurements indicate that while 
Co +3 is paramagnetic, Co(NH 3 ) 6 +3 is diamagnetic; 3 i.e., electrons 
have moved from the ammonia molecules toward the complex 
to form a bond which is essentially covalent. 

Experience has shown that the colors of crystals are closely 
associated with a loosened covalent-ionic bond, and the intense 
coloring of most of the Werner complexes is suggestive of a 
loosened, covalent-ionic bond in these compounds. 

A general consideration of the magnetic moments of complexes 
has led to the proposal that trivalent and bivalent manganese, 
chromium, iron, and cobalt form six strong electron-pair bonds with 
CN~ and in some cases with other groups, including NH 3 , Cl“ 
and N0 2 . The bonds in Co(NH 3 ) 6 C1 3 , (Co(NH 3 ) 5 C1)C1 2 , and 
(Co(NH 3 ) 4 C1 2 )C1, for example, are thought to be essentially 
covalent. Transition groups generally form predominantly 
electron-pair bonds with CN~ [as in Fe(CN) 6 -3 ], ionic bonds 
with F~ [as in (FeF 6 )~ 3 ], and ion-dipole bonds with water [as in 
Fe(H 2 0)Q +3 ]. With other groups the bond type varies. 4 

1 Pauling, Linus, J. Am. Chern. Soc., 54, 1002 (1932). 

2 Van Vleck, V. H., and A. Sherman, Rev. Modern Phys ., 7, 206 (1935), 
believe that there is an appreciable amount of ionic binding in this complex. 

3 Biltz, W., Z. anorg. allgem. Chern., 164, 245 (1927). 

4 Pauling, Linus, J. Am. Chern. Soc., 63, 1400 (1931). 
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It is interesting to note that Langmuir recognized these 
differences in bond types many years ago, although he did not use 
the same nomenclature in their designation. 1 

The unique directional properties of the coordinate bonds in 
palladous and platinous coordinated compounds probably 
identify these bonds as covalent. 2 

The formation of the rare-gas hydrates is said to be due to the 
polarization of the rare gas. No hydrates are known for helium 
and neon, the least polarizable of the group. 3 Probably van der 
Waals* forces predominate in this type of compound. 

Any description of the nature of the coordinate bond must take 
cognizance of the prevalence of coordination numbers of four and 
six in complex ions but must not overlook the existence of a 
large number of compounds in which the number of water or 
ammonia molecules is not four or six. In keeping with, the point 
of view which has been followed throughout this book, the 
prevalence of four and six coordination groups may be attributed 
to spacial limitations and to the formation of covalent bonds. 
The sizes of the ammonia and water molecules and of the other 
ions involved are such that the radius ratios are within the limits 
for octahedral and tetrahedral coordination. When the complex 
ion contains more than six water or ammonia molecules, there is 
reason to believe that the additional molecules are in a second 
sphere, not so tightly held to the central ion as the nearest 
neighbors. 4 The higher ammoniates are much less stable, and 
in changing from a hexammoniate to a higher one, there is apt 
to be little color change or volume change. 

Langmuir, I. J., J. Am. Chem. Soc., 41, 930 (1919). 

2 Pauling, Linus, J. Am. Chem. Soc., 63, 1388 (1931); and see page 170. 

3 Villard, P., Compt. rend., 123, 377 (1896); Fokcrand, R. de, ibid., 176, 
355 (1923); 181, 15 (1925). 

4 Clark, G. L, Am. J. Sci., 7, 19 (1924). 



CHAPTER X 


ISOMORPHISM, MIXED CRYSTALS, POLYMORPHISM 

The conditions governing isomorphism and polymorphism 
have frequently been implied in these pages. Now, with all 
of the necessary evidence recounted, it will be advantageous to 
review and summarize this evidence as it pertains to these impor¬ 
tant phenomena. 

Isomorphism. —That the crystal structure of a substance 
depends upon the relative numbers, relative sizes, and polariza¬ 
tion properties of its building stones and upon the kinds of forces 
holding them together has been shown to apply in a general way 
to all of the types of compounds whose structures have been 
analyzed. It necessarily follows that two or more substances 
containing the same relative numbers of building stones, of the 
same relative sizes and with similar binding forces will be iso- 
morphous. Innumerable data to confirm this viewpoint may be 
found in the tables in the preceding chapters. 

The variation in size of the building stones which is permissible 
in a series of isomorphous substances depends, of course, upon 
the crystal structure of the series. /There are long isomorphous 
rows and short ones. The scheelite structure, for example, is 
very tolerant of rather wide variations in the size of its ions 
and forms a long series of isomorphous compounds. The 
tetragonal structure of PbO and SnO, on the other hand, is very 
exacting in its requirements for stability and only a short series 
of crystals with this structure is known. 

If their sizes are compatible, ions of different electronic struc¬ 
tures may occur in isomorphous crystals. Thus many of the 
difluorides of both A subgroup and B subgroup cations are 
isomorphous with fluorspar, CaF 2 . 

Isomorphism does not depend upon valence, as countless 
illustrations will testify. Al 2 Mg 04 , Li 2 WC> 4 , and Mg 2 Ti0 4 are 
isomorphous; NaAlSisOg and CaAl 2 Si 2 0 8 are isomorphous; KIOs, 
LaAlOs, and CaTiOs are isomorphous, as are RbBF 4 and BaS(> 4 . 

323 
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Crystalline substances are isomorphous when the relative sizes 
of their building stones are approximately the same. If these 
isomorphous substances are to form mixed crystals, the absolute 
sizes of corresponding building stones must also be within certain 
limits. From a consideration of a great quantity of empirical 
data, Goldschmidt has concluded 1 that crystalline miscibility 
may be expected when the sizes of corresponding atoms or ions 
in the lattices in question do not vary by more than 15 per cent 
of the size of the smaller. 

There is a further restriction upon the formation of mixed 
crystals. Even though the absolute sizes of the building stones 
are within the required limits, it is apparently impossible to form 
mixed crystals from solution if the substances involved differ 
greatly in solubility. Thus BaS 04 and KMn() 4 do not form 
mixed crystals, although they are structurally isomorphous. 
The same is true of CaC0 3 and NaN0 3 . 2 

Because of these restrictions, isomorphous substances do not 
necessarily form mixed crystals. 

A number of interesting instances of mixed crystal formation 
have been described recently which seem to belie the statement 
that isomorphous substances must contain the same relative 
numbers of building stones. The case of CaF> and YF 3 has 
long been known and suggests that there may be more Y+ 3 in 
calcium minerals, masked by the Ca+ + , than is generally sup¬ 
posed. These fluorides are miscible in the solid state up to 
50 per cent of YF 3 . SrF 2 and LaF 3 form mixed crystals. 3 The 
mutual solid solubility of MgCl 2 and Li Cl (see page 202, Chap. V) 
is another case in point. Other pairs miscible in the crystalline 
state are: Co(NH 3 ) 6 I 2 and Co(NH 3 )J 3 ; (NH 4 ) 2 SiF 6 and 
(NH 4 )3A1F 6 ; LiMnP0 4 and Li 3 P0 4 ; the calcium, strontium, 
barium, and lead tungstates and molybdates with the rare- 
earth tungstates and molybdates. 

These rather unexpected cases of solid miscibility have 
recently been considered in the light of the existence of the 

1 Goldschmidt, V. M., Shifter Norske Videnskaps-Akad. Oslo , no. 2, 
p. 83 (1926). 

* Biltz, W., and Schackman, Z . anorg. allgem. Chem ., 218, 139 (1934). 

3 Ketelaar, J. A. A., and P. J. H. Willems, Rec. trav. chim. f 56, 29 
(1937). 



ISOMORPHISM, MIXED CRYSTALS, POLYMORPHISM 325 


so-called “subtraction” lattice and the formation of interstitial 
crystals. 1 

The structure of (NHU^AlFg is the same as that of (NH^SiFg, 
except that ammonium ions have been introduced into vacant 
positions in the (NH^SiFe structure. 2 In the mixed crystals, 
then, the Si(Al)F 6 framework is constant, but the number of 
lattice positions occupied by ammonium ions increases as the 
number of silicons replaced by aluminum increases. 

The isomorphism of Co(NH 3 ) 6 l 2 and Co(NH 3 ) 6 l 3 is thought 
to be possible because even the unusually large I ion may enter the 
CaF 2 lattice of Co(NH 3 )el 2 interstitially, since the Co(NH 3 ) 6 ++ 
group is still larger and offers spacious interstices. 3 

LiMnPC>4 and L13PO4, both of the olivine type, appear to be 
featured by a dominating anion. 4 Mg ++ , Fe+ + , Mn ++ , and Li 4 * 
may be located in the largest octahedral interstices in the 
deformed, close-packed hexagonal packing of oxygen ions. The 
number of these octahedral interstices which are occupied does 
not seem to be important to the stability of the crystal. 

Solid solutions of alkaline earth tungstates or molybdates with 
the rare-earth tungstates or molybdates are said to result in an 
increase in the number of vacant cation positions as the con¬ 
centration of the trivalent cation rises. 5 

It is evident, of course, that the crystalline pairs which have 
been discussed are not strictly isomorphous; that they are to be 
taken as evidence of the miscibility of nonisomorphous pairs 
under special conditions and not as evidence of the isomorphism 
of substances in which the relative numbers of building stones 
differ. In short, the formation of mixed crystals is not always 
evidence of the isomorphism of the pure components. 

Polymorphism. —Polymorphism is a morphotropic structural 
change brought about, not by chemical substitution, but by an 
alteration of thermodynamical factors. Polymorphism, there¬ 
fore, is to be anticipated for a compound, the relative sizes of the 

1 Hagg, G., Z. Krist ., 91, 114 (1935). 

2 Pauling, Linus, J. Am. Chem. Soc ., 46, 2748 (1924). 

3 Hassel, O., and H. Kringstad, Z. anorg. allgem. Chem., 209, 281 (1932). 

4 Zambonini, F., and F. Laves, Z. Krist., 83, 26 (1932). 

6 Zambonini, F., and G. R. Levi, Rend, accad. Lincei, 149, 225, 303, 377, 
462 (1925). 
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building stones of which place it near the limit of an isomorphous 
series. An AX 2 compound, for example, characterized by a 
radius ratio of approximately 0.70, might be expected to exist in 
two allotropic forms, the fluorite and the rutile structures. The 
relative sizes of the ions in CaC0 3 and KN0 3 are in such a 
critical range, and these two substances may crystallize in either the 
calcite or the aragonite structure, depending upon temperature 
and pressure conditions or upon the presence of certain impurities. 

Buerger and Bloom 1 have recently written an interesting 
historical account of polymorphism and have proposed a general 
theory of the phenomenon. Briefly, they suggest that, although 
the static arrangement of atoms in a crystal under negligible 
pressure may be expected to correspond to the lowest energy 
state, other arrangements are possible with rising temperature. 
That is, the most stable configuration at absolute zero may 
prove to be an unstable vibrational mode when the atomic clusters 
begin to vibrate appreciably. 

In several instances the rotation of radicals in crystals has been 
shown to cause polymorphism. Molecular rotation in crystals 
has been treated from the wave-mechanical standpoint by 
Pauling. 2 He predicted that in the high temperature modifica¬ 
tions of NH 4 I, NH 4 Br, and NH 4 C1 the NH 4 ions are rotating 
and should be considered to be spherical rather than tetrahedral. 
The five forms of NH 4 NO 3 have been shown to bear a definite 
relation to the rotation of the NH 4 + and N0 3 ~ radicals. 3 In a 
hexagonal form, stable below — 18°C., both radicals are fixed; 
in a second form, stable between —18 and +32°C., the NH 4 + 
rotates and the N0 3 “ is fixed. There is a third form, stable 
between +32 and +84°C. and orthorhombic; a fourth, tetrago¬ 
nal, stable between 84 and 125°C., in which the N0 3 group rotates 
about the normal to the plane of the group; and the high tempera¬ 
ture form, isomorphous with CsCl, in which both radicals are 
rotating freely and may therefore be considered as spherical 
building blocks in the crystal. The polymorphism of NaNO», 4 

1 Buerger, M. J., and M. C. Bloom, Z . Krist ., 96, 182 (1937). 

* Paulino, Linus, Phys. Rev ., 36, 430 (1930). 

3 Kracek, F. C., S. B. Hendricks, and E. Posnjak, Nature , 128, 410 
(1931). 

4 Kracek, F. C., J. Am. Chem. Soc 63, 1183, 2609, 3339 (1931). 
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Na 2 S0 4 , 1 RbNOs, CsNOs, and TINO 3 2 have also been attributed 
to rotating molecular groups. 

In a recent discussion of the philosophical implications of 
rotating molecules in crystals, Smyth 3 has observed that rotating 
groups constitute, in a sense, a partial transition to the liquid 
state. In liquid ammonium nitrate at 175°C., ammonium and 
nitrate ions are vibrating about points which move about very 
slowly; in crystalline ammonium nitrate at 165°C. the only 
difference is that the points about which the ions move are fixed. 
To one observing the interior of the substance this difference 
would be trifling. 

Barth has recently classified the several mechanisms of 
polymorphic changes, depending upon the special manner in 
which the atoms in the crystal lattice rearrange themselves. 4 
There are three: (1) The sluggish or delayed inversion change 
of one type of structure into another. This is a complete 
breaking up of the lattice, as in the quartz-tridymite transition. 
(2) Polysyngony, rapid inversions; a dislocation of all or some of 
the atoms, with or without thermal rotation, such as a-cristo- 
balite /3-cristobalite. (3) Gradual changes, initiated by 
thermal rotation and not accompanied by any changes in the 
positions of the atoms, such as in NaN0 3 . In cases 2 and 3 
the types of structure are preserved. 

Crystal Synthesis. —The silicates are difficult to study because 
of the great strength of their crystals, as manifested in high 
melting points, limited solubilities, slow reaction rates, hardness, 
and refractivity. The same difficulties are experienced with the 
titanates and zirconates. 

Goldschmidt has called attention 5 to the possibility of applying 
the crystal chemical conception of isomorphism to the study 
of the chemical constitution of these resistant compounds. 
Given any silicate mineral, it should be possible to build or 
synthesize a crystal, isomorphous with the silicate, but much 
weaker, by assembling ions of corresponding sizes and polariza- 

1 Kracek, F. C., and C. J. Ksanda, J. Phys. Chem. y 34, 1741 (1930). 

* Finbak, C., and 0. Hassel, Z. physik. Chem ., B 36, 25 (1937). 

3 Smyth, C. P., Proc. Am. Phil. Soc. } 76, 485 (1936). 

4 Barth, T. F. W., Am. J. Set., 27, 273 (1934). 

6 Goldschmidt, V. M., Skrtfter Norake Videnskaps - Akad . Oslo , no. 8, 
p. 127 (1926). 
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tion properties, but of lower valences. Consider the synthesis 
of a weak model for Th0 2 : First, this is an AX 2 compound, and 
the model must also be an AX 2 compound. To accomplish the 
purpose of the synthesis, the valences of both of the model ions 
'must be lower than those of Th0 2 , and to assure isomorphism, 
the size (and to some extent the polarizing power) of the 
model cation must be approximately that of Th +4 , and the size 
(and to some extent the polarizability) of the model anion 
must be approximately that of 0“. Thus F~(1.33 A), but 
not OH~(1.40 A), may be substituted for O“(1.40 A) and 
Ca+ + (1.06 A) for Th +4 (1.10 A). Thus we derive CaF 2 , a weak¬ 
ened model of Th0 2 , as indicated by their relative melting points. 
Similarly, one may choose LiCl as a weakened MgO, or MgF 2 
as a weakened model for TiG 2 . A group of crystals and their 
weakened models are given in Table 106. The strengths of 

Table 106 .—Weak Models of Strong Crystals 


Strong crystals j Weak models 


Compound 



Ionic 

radii 


Compound 



Ionic 

radii 


MgO 

0 

00 

1 

40 




LiF 

0 

78 

1 

33 




Ti0 2 

0 

64 

1 

40 




MgKj 

0 

X 

1 

33 




Th0 2 

1 

10 

1 

40 




CaF 2 

1 

06 

1 

33 




Si0 2 

0 

39 

1 

40 




BoF. 

0 

34 

1 

33 




SrTi0 3 

1 

27 

0 

64 

1 

40 


KMgF, .. 

1 

33 

0 

78 

1 

33 


BaS0 4 

1 

43 

0 

3 

1 

40 


j kbf 4 

1 

33 

0 

24 

1 

33 


KAlSi 2 0* 

1 

00 

CO 

0 

.57 

0 

.39 

1.40 

I RbLiBe Jv, 

1 

43 

0 

X 

0 

.34 1 

.33 

CaMgSi 2 0 6 

1 1 

06 

0 

.78 

0 

.39 

1.40 

! NaLiBeoF, 

0 

98 

0 

78 

0 

.34 1 

.33 

KCb0 3 

1 

33 

0 

73 

1 

.40 


i KNiFa 

1 

.33 

0 

69 

1 

.33 



complex ionic crystals are evidently determined by the same 
factors which control the strength of the crystals of binary com¬ 
pounds, viz., the distance between ions and the magnitude of 
their electrostatic charges. BaS ()4 decomposes at 1580°C., 
whereas the weakened model KBF 4 decomposes at about 500°C. 
BaS0 4 is practically insoluble in cold water (0.00011 g. per 100 g. 
water), but KBF 4 is appreciably soluble (1.42 g. per 100 g. water). 
KCb0 3 is harder (4.5) than KNiFa(3.5). 

A rather convincing demonstration of the extent to which this 
model building may be carried in some cases is afforded by the 
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comparison of Zn 2 Si0 4 and its weak model Li 2 BeF 4 , certain 
characteristic properties of which are shown in Table 107. 1 

In contrast to many fluoberyllates, which usually solidify in 
glassy form, NaLiBe 2 F 6 , the weakened model of diopside, crystal¬ 
lizes readily from the melt. It forms double-refracting crystals 
with the cleavage similar to that of diopside, and X-ray diffrac¬ 
tion data show the crystal structure and lattice dimensions of 
the two to be similar. 


Table 107.—Properties of Zn 2 Si0 4 and Its Weakened Model Li 2 BeF 4 



Zn 2 Si0 4 

Li 2 BeF 4 

Ionic radii. 

0.83 0.39 1.40 

0.78 0.34 1.33 

Lattice dimensions. 

a = 8.04A, c = 9.34A 

a = 7.60A, c = 8.85A 


c-/a = 1.161 

c/a — 1 . 165 

Crystallographic prop- 

Rhombohedral pris- 

Rhombohedral pris- 

erties. 

matic habit; cleavage 

matic habit; cleavage 


parallel to 1010 and 

parallel to lOlO and 


0001 

0001 

Optical properties. 

Positive double refrac¬ 

Positive double refrac¬ 


tion, rather weak = 

tion, very weak = 


0.02 approx. 

0.006 approx. 

Index of refraction. 

1.70 approx. 

1.30 approx. 

Hardness. 

5.5 

3.8 

Melting point. 

1509.5 

470 approx. 

Solubility. 

Insoluble in water 

Very soluble in water 


Weak models of silicate glasses may be constructed. BeF 2 is 
the weak model of Si0 2 ; and NaLiBe 3 F 8 and KLiBe 3 F 8 are weak¬ 
ened, glass-forming models of the feldspars. These fluoberyllate 
glasses in general have an average hardness of 3 to 4, as compared 
with 5 to 7 for the silicate glasses. Their indexes of refraction are 
remarkably low, a majority being below 1.33. Doubtless their 
unusual optical properties could be put to very practical use were 
it not for objectionable properties, such as high solubility, which 
are also characteristic of a weakened model. 

Although the desirability of synthesizing weakened crystal 
models has been stressed, the building of strengthened models 
may be equally important in certain cases. Nature takes advan- 

1 Goldschmidt, V. M., Skrifter Norske Vidcnskaps-Akad. Oslo , no. 8, 
p. 132 (1927) 
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tage of the principles which control the strength of crystals. 
The proposed mechanism of the formation of dental enamel is an 
interesting case in point. 1 Provided with carbon, oxygen, 
nitrogen, sulfur, phosphorus, fluorine, chlorine, calcium, and 
sodium, nature’s problem is to form a substance which will 
crystallize from water solution at about 37°C. and form crystals 
of the greatest possible hardness. To satisfy these requirements 
those ions with the highest valences are selected, viz., Ca 4 " 4- and 
PO4"" 8 . Because the formation of a hydrate or acid salt is 
inhibited, the calcium phosphate is built as a complex in a cal¬ 
cium halide. Thus we have the mineral apatite, Ca & (P04)3Cl(F). 
Since the hardness of a crystal increases with decreasing interionic 
distances, the smallest halogen ion produces the hardest crystal, 
and dental enamel is said to have the formula Ca 6 (P 04 ) 3 F. 

“COMPOUNDS” OF VARIABLE COMPOSITION 

Frequently in the foregoing pages mention has been made 
and examples given of so-called compounds of variable composi¬ 
tion. The rapid increase in the number and variety of descrip¬ 
tions of such substances is one of the more recent and interesting 
contributions of X-ray analysis to crystal chemistry and must 
exert a significant influence on some of the most fundamental 
chemical concepts. 

The intermetallic compounds have been found to be so gener¬ 
ally variable in composition that at the moment the term com¬ 
pound has been abandoned and they are spoken of as intermediate 
phases, to include both solid-solution-like and compoundlike 
phases. But the distinction between a solid solution and a 
compound can only be one of arbitrary definition. The crystal 
chemist may logically define a compound as an aggregation of 
atoms of two or more elements mutually attracted to each other 
and having a characteristic crystal structure. If this definition is 
accepted, then there are compounds of variable composition. For 
convenience these may be divided into three groups: substitution, 
addition, and subtraction compounds. Examples of all three have 
already been given, but it will be useful to emphasize them again. 2 

1 Neuburger, M. C., Ahrens Sammlung chem. u. chem.-tech. Vortrag, 
p. 108, 1933. 

* For an interesting classification of crystal structures with “defect 
lattices,” see L. W. Strock, Z. Krist., 93, 285 (1936). 



ISOMORPHISM , MIXED CRYSTALS , POLYMORPHISM 331 


1. Substitution Compounds. —These compounds are charac¬ 
terized by completely filled lattices; variation in composition is 
affected by the continuous replacement of one atomic species by 
another within certain limits. Compounds of this type are 
common among the silicates. There is the phenomenon of 
base exchange in the zeolites and certain clays. The transition 
from tremolite, H 2 Ca 2 Mg 5 (Si0 3 )8, to hornblende, H 2 (Ca, Na, 
K) 2 _ 3 (Mg, Fe, A1) 5 (A1, Si0 3 )8 is accomplished by the replacement 
of silicon atoms by aluminum. NaAlSi 04 may be derived, 
structurally, from Si0 2 , cristobalite, by the substitution of 
aluminum for silicon and the interstitial addition of sodium. 
In a sense, mixed crystals may be considered as compounds of 
this type. In all these the essential nature of the bonding forces 
is not changed during substitution. 

2 . Addition Compounds.—To this group belong those inter¬ 
mediate alloy phases such as y phases which can dissolve an 
excess of one (or both) components without any change in crystal 
structure. The interstitial alloys of carbon, nitrogen, and 
hydrogen with the transition elements are addition compounds. 
With the addition of an excess of one component, there is a 
noticeable change in the nature of the bonding forces. 

3 . Subtraction Compounds.—These are not necessarily com¬ 
pounds of variable composition in the same sense as are the 
substitution and additional compounds, although they may be. 
Their compositions, however, always vary slightly from simple 
stoichiometric proportions. Their crystals are characterized 
by incompletely filled lattice points. The vacant iron positions 
in the FeO and FeS structures have already been mentioned. 

M 3 P 2 is said to crystallize as a deformed fluorite structure, 
the phosphorus on a face-centered cubic lattice, and the magne¬ 
sium atoms occupying only three-fourths of the available tetra¬ 
hedral position. 1 

7 A1 2 0 3 and 7 Fe 2 0 3 are cubic, like the spinels but with one- 
ninth of the cation positions vacant . 2 This explains their 
isomorphism with the spinels and the ability of spinel to dissolve 
an excess of alumina. 

1 Stackelberg, M., and R. Paulus, Z. physik. dhem., B 22, 305 (1933). 

* Hagg, G., Z. physik. Chern B 29, 95 (1935); Hordes, E., Z. Krist ., 91, 
193 (1935). 
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In LisP 04 it is said that three-fourths of the larger octahedral 
positions of the olivine structure are occupied by lithium; while 
in the isomorphous olivine only one-half of these positions are 
filled by magnesium and in monticellite, MgCaSi 04 , one-half by 
magnesium and calcium . 1 

.The gsodium tungsten bronzes, with the general formula 
NaxW0 3 , crystallize in the perovskite structure. When X = 1 , 
all the perovskite lattice points are filled, and the crystal is golden 
yellow. As the sodium content decreases, the color of the crystal 
darkens and the valence of the tungsten ion increases. There 
is a decrease in the size of the unit cell as the sodium content 
decreases, but there is no change in the arrangement of the ions. 
In the blue-violet bronzes, § of the original sodium ion places are 
vacant . 2 

7 'A 1 2 0 3 is said to have I -3 molecules per unit cell, the 2 § 
aluminum atoms distributed statistically but not equally in 
the 12 large openings between four oxygens. The cations 
preserve a definite lattice-building tendency . 3 

In the high temperature form of CilSc, containing four mole¬ 
cules in the unit cell, four copper atoms fill tetrahedral positions 
to form the zinc-blende structure CuSe, whereas the remaining 
four copper atoms are said to be distributed statistically in 36 
other positions . 4 

Thus, in four typical subtraction lattices the percentages 
of unoccupied lattice points are: 

7AI2O3. 11 per cent 

oAg^HgL. 25 per cent 

y'ALCL . 78 per cent 

aAgl . 95 per cent 

The high temperature form of Agl is said to crystallize so that 
two silver atoms are distributed statistically in 42 lattice posi¬ 
tions. If this is so, then all semblance of a silver lattice is gone; 
the silver atoms are free to move into any available space in a 
rigid iodine lattice. They are truly fluid in the usual meaning 
of the term, moving in an environment of crystalline iodide. 

1 Zambonini, F., and F. Laves, Z. Krist., 83, 26 (1932). 

2 Hagg, G., Z. physik. C-hem ., B 29, 192 (1935). 

2 Verwey, E. J. W., Z. Krist., 91, 317 (1935). 

4 Rahlfs, P., Z. physik. Chem ., B 31, 152 (1936). 
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Such structures as these emphasize the truth of the statement: 
“The sharp division of solid, liquid, and gas has long been recog¬ 
nized; but, as is customary in most science, continued investiga¬ 
tion has dulled the sharpness .” 1 

What of the law of definite proportions and the law of multiple 
proportions, which are taught, as the very roots of the science, 
to every beginner in chemistry? If these are laws, then removed 
from their jurisdiction are all intermetallic compounds, many 
silicates and organic compounds, many phosphides, sulfides, 
selenides, and tellurides, certain oxides and iodides, and some 
complex crystals. A “law” subject to so many exceptions is of 
doubtful value. It is to be thought of, rather, as merely a defini¬ 
tion of a certain restricted type of compound; one, indeed, in 
which the elements “are always present in the same proportion 
by weight.” The “law” was formulated in a day when the 
known chemical compounds were comparatively simple ones. 
To be sure, Berthollet said at that time that it was not proper to 
apply the law to all chemical compounds, but he was overruled. 
But today it appears that Berthollet’s viewpoint has been 
completely, if somewhat tardily, substantiated. 

1 Smyth, C. P., Proc. Am. Phil. Soc., 76, 485 (1936). 
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THE STRUCTURES OF ORGANIC CRYSTALS 

Organic crystals are generally molecular. The points on the 
crystal lattice are occupied by molecules, and, because these are 
large, the unit cells are large. Unless the molecules are nearly 
spherical, the symmetry of an organic crystal is low. 

In the analysis of organic crystals, the problem of crystal 
chemistry is to study the size and shape of the molecules and the 
nature of the intra- and intermolecular forces. The structural 
organic chemist, of course, has always been interested in the 
arrangement of the atoms in molecules. Crystal structure 
analyses have provided independent confirmation of the accepted 
stereochemical concepts of organic chemistry; they have refined 
and endowed with greater physical reality the tetrahedral carbon 
atom and the planar benzene ring. 

More recently, by precise Fourier analysis of a limited number 
of organic crystals, the crystal chemist has been able to push 
beyond the bounds of the structural organic chemist in two direc¬ 
tions. Firstly, the lengths of bonds between atoms within 
molecules have been accurately determined. It has been shown 
that the lengths and valence angles of the C-C (aliphatic) and 
C-C (aromatic) bonds are different and characteristic. The 
nature of other typical linkages are closely related to the bond 
lengths. Secondly, in certain cases when the stereochemistry 
of the organic chemist could give no conclusive evidence in favor 
of a particular structure, the crystal structure analysis has served 
to define specifically the arrangement of the atoms in a molecule. 

The structures of hundreds of organic crystals have been 
described in part. However, the present discussion will be 
limited to a consideration of the few key structures which have 
furnished the most accurate knowledge of the shapes and sizes 
of molecules, the building stones of organic crystal chemistry, 
and of the interatomic distances. 
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The Structural Analysis of Organic Crystals.—Organic crystals 
baffle complete analysis because the individual atoms are hard to 
detect and identify by the usual X-ray methods. Carbon, 
nitrogen, and oxygen, being of comparable weights, all have about 
the same diffraction effect upon X-rays and can be distinguished, 
one from the other, only with considerable difficulty. Hydrogen 
is too light to diffract X-rays appreciably and the positions of 
hydrogen atoms in organic crystals are, as a rule, speculative. 

Organic compounds containing heavier elements lend them¬ 
selves more readily to the accurate determination of their crystal 
structure. For this reason, the organometallic series, of which 
the substituted ammonium compounds are typical examples, 
have been investigated with considerable success . 1 Here the 
positions of the metal atoms may be readily defined and with this 
framework, the lighter groups may be located with more assur¬ 
ance. Reference has already been made, in the discussion of 
Werner complexes, to this type of compound. 

Fortunately, with the complete atomic positions known in a 
few fundamental structures, the approximate atomic positions in 
many related compounds need not be determined by direct X-ray 
analysis. They may be inferred with considerable accuracy when 
the unit cell and symmetry of the crystal have been established. 
This is made possible because of the existence of homologous 
series and because of the rigidity of the framework of an organic 
molecule, even though it may be subjected to the addition, 
subtraction, or substitution of certain of its members. In the 
analysis of a new structure, therefore, the crystal chemist deter¬ 
mines the size of the unit cell, the space group, and the symmetry 
of the crystal. The general arrangement of the molecules in 
the cell may usually be established from the X-ray diffraction 
data, supplemented by knowledge of the shape of the molecules, 
of the interatomic distances in related compounds, and of the 
optical properties, the habit, and the cleavage of the crystal. 
Ultimately, the atomic positions may be approximated in many 
structures by a trial-and-error process, assuming for the inter¬ 
atomic distances values found in similar structures. Finally, 
in many cases where the approximate atomic positions have been 

1 See particularly the work of R. W. G. Wyckoff and coworkers; and more 
recently R. B. Corey. 
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found, one or more projections of the structure by double Fourier 
analysis make possible the accurate and direct determination of 
exact atomic positions as well as the distribution of electron 
density. 

As carbon is the framework of all organic molecules, so the 
arrangements of carbon in diamond and in graphite may be taken 
as the points of departure from which the distribution of carbon 
atoms in all organic molecules appear to be derived. In the light 
of X-ray diffraction studies, the tetrahedral bonds of the carbon, 
long assumed by the organic chemist, have become a physical 
reality. They exist in the diamond, which may be considered a 
giant molecule built of carbon atoms, each of which coordinates 
tetrahedrally four others, to which it is held by electron-pair 
bonds 1.54 A in length. Graphite, it will be recalled, is a layer 
lattice. Each carbon is bound to three others in the same plane 
at a distance of 1.42 A, the distance between planes being 3.40 A. 

Crystals of Aliphatic Compounds. —Structurally, the aliphatic 
crystals are offspring of the diamond. The tetrahedral bonds 
of carbon are characteristic of aliphatic molecules large or small. 
CBr 4 and CI 4 are cubic, isomorphous with Snl 4 . The unit cell 
contains eight molecules, in each of which the halogen atoms are 
coordinated tetrahedrally to the carbon atom. Tetramethyl 
methane, C(CH 3 ) 4 , is probably isomorphous with these. In 
erythritol, C(CH 2 OH) 4 , the carbon bonds are said to be 
tetrahedral. 1 

The effect of paraffin wax upon X-rays was observed as early as 
1913 2 and the structures of long-chain aliphatic compounds, the 
waxes and fatty acids, have been studied with considerable 
interest ever since. The structure of the paraffin C 2 9 H 6 o has been 
most accurately described. 3 The crystal is orthorhombic; 
a = 7.45, b = 4.97, c — 77.2—a long, narrow unit cell in which 
the long chains of the hydrocarbon lie parallel to the c axis. The 

1 However, small deviations from the exact tetrahedral angles may be 
expected when unlike groups are attached to the carbon atom, and such 
deviations are said to be permitted by the quantum mechanical treatment 
of tetrahedral bonds. Van Vleck, J. H., and A. Sherman, Rev. Modern 
Phys ., 7, 203 (1935). 

* Friedrich, W., Z. Phyrik , 14, 317 (1913). 

3 Muller, A., Proc. Roy. Soc. (London), A 120, 437 (1928); Tram , Faraday 
Soc., 26,347 (19291. 
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crystalline paraffin, therefore, consists essentially of sheets 77.2 A 
thick. The distance between carbon atoms along the c axis is 
not 1.54 A, as in diamond, but it is possible to measure very 
accurately the distance between alternate carbon atoms (viz., 
twice the distance between carbon atoms) as 2.54 A. Now, if 
the distance 1.54 A between carbon atoms is assumed, and it is 
further predicated that the carbon atoms form a zigzag chain 
and that the angle of the zigzag is 109°28', the tetrahedral angle; 
then the calculated distance A in Fig. 52 is 2.52 A. The agree¬ 
ment With the experimental value of 2.54 A has been accepted 
as evidence of a zigzag structure for the long-chain compounds 
and for the persistence of the tetrahedral carbon bonds even 

c c c 

x ^\XI09°28 \ 

c c c c 

k— 2.52 A— >1 

Fig. 52.—Section of a zigzag hydrocarbon chain showing probable arrangement 

of carbon atoms. 

in these structures. This structure is said to account satis¬ 
factorily for the alternating properties of long chains with odd- 
and even-numbered carbon atoms. 1 In even-numbered carbon 
chains, the end groups are parallel; in odd-numbered chains, they 
lie at an angle to each other. This difference in orientation 
necessitates a difference in the inclination of the chains in the 
layers which, in turn, influences the physical properties of the 
crystal. Although in the paraffins the long-chain molecules are 
oriented perpendicularly in the layers, this is not true of all 
long-chain compounds. An increase in layer thickness of less 
than 1.26 A for each carbon atom added to the chain is indicative 
of an inclined molecule; and the thickness of the layer is not a 
measure of the length of the molecule in such cases. 

The zigzag aliphatic chain was long held in some doubt because 
the structure of n-amyl ammonium chloride, NH3C5H11CI, and 
similar substances isomorphous with NH3CH3I 2 seemed to require 
a straight chain with a C-C distance of only 1.05 A. However, 
the conception of molecular rotation in crystals has reconciled 

1 Muller, A., Proc. Roy. Soc. (London), A 124, 317 (1929). 

2 Hendrickh, S. B., Z . Krist., 68, 189 (1928); 74, 29 (1930). 
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the apparent inconsistencies. 1 Long zigzag chains, rotating about 
the :£-axis would be compatible with the size of the unit cell of 
NH3C5H11CL In fact, it has been shown that at liquid-air 
temperatures the cross section of the unit cell is actually larger by 
the amount required to accommodate stationary zigzag chains. 2 
Conversely, paraffin crystals heated almost to the melting point 
produce modified diffraction patterns indicative of a rotation of 
the molecules around their long axes. 3 

The available evidence indicates that cyclohexane forms a 
puckered ring, geometrically similar to that found in diamond. 4 
This is of particular interest in comparison with the structure of 
the aromatic carbon ring, since the puckered ring of cyclohexane 
emphasizes the persistence of the tetrahedral carbon bonds in 
aliphatic compounds. 

The Structure of Aromatic Compounds. —The benzene ring, as 
it exists in graphite, is the standard building stone of all crystals 
of aromatic compounds. Early doubts as to the choice between 
a planar and a puckered ring have been entirely dispelled. 
The experimental evidence is overwhelmingly in favor of the 
planar ring, as it exists in such compounds as hexamethyl 
benzene, 6 hexachlorobenzene, 6 durene, 7 naphthalene, 8 anthra¬ 
cene, 9 p-diphenyl benzene, 10 s-triphenyl benzene, 11 and chrysene. 12 
In general, the condensed ring systems form rigid, flat molecules 
and as their number increases, the parallel sheets formed appear 
to approach more closely the actual structure of graphite. 

Graphite, on the other hand, may be reversibly oxidized to 
graphitic acid, the benzene-ring layers being pried apart from 

I Pauling, Linus, Phys. Rev., 36, 430 ( 1930 ). 

* Hendricks, S. B., Nature , 126, 167 (1930). 

8 Muller, A., Proc. Roy. Soc. (London), A 127, 417 (1930). 

4 Hassel, O., Z. Elektrochem., 37, 540 ( 1931 ). 

‘Londsdale, K., Proc. Roy. Soc. (London), A 123, 494 (1929); Trans. 
Faraday Soc., 25, 352 (1929). 

•Londsdale, K., Proc. Roy. Soc. (London), A 133, 536 (1931). 

7 Robertson, J. M., Proc. Roy. Soc. (London), A 141, 594 (1933). 

8 Robertson, J. M., Proc. Roy. Soc. (London), A 142, 674 (1933). 

9 Robertson, J. M., Z. Krist., 84, 321 (1933); Proc. Roy. Soc. (London), 
A 140, 79 (1933). 

10 Pickett, L. W., Proc. Roy. Soc. (London), A 142, 333 (1933). 

II Londsdale, K., Nature, 133, 67 (1934). 

8 Iball, J., Proc. Roy. Soc. (London), A 146, 140-153 (1934). 
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3.4 to 6.9 A, and by subsequent hydration to 11.3 A. 1 This 
large reversible change in crystal structure was apparently 
unique, but it has since been found that the clay mineral mont- 
morillonite takes up water in a similar manner. 2 

B3N3H6 is interesting because, judging from the electron- 
diffraction data, 3 it appears to have the same structure as 
benzene. This is not surprising when one recalls that the number 
of planetary electrons is the same for the B3N3 group as forC 6 
and, further, that graphite and BN are isomorphous. The B-N 
distance has been reported as 1.47 ± .07 A, as compared with 
C-C distance of 1.42 A in graphite. 

Thus, the detailed analysis of a few organic crystals has 
demonstrated: 

1. The existence of the tetrahedral carbon atom in the aliphatic 
compounds. 

2. The existence of the plane benzene ring, as found in graphite, 
as the fundamental structural unit in aromatic compounds. 

Recent crystal analyses of benzoquinone 4 and p-dinitro- 
benzene 5 suggest distorted benzene rings (see page 343). The 
structure of the latter is unusual in some respects and should be 
verified. Every organic chemist knows that the properties of 
these compounds are not wholly those of the typical aromatic, 
and it is not surprising to find by this independent means that the 
true benzene ring probably has no real physical existence in 
benzoquinone and p-dinitrobenzene. 

The very accurate structural analysis of cyanuric triazide 6 
is perhaps the most impressive example thus far of a case in which 
the crystal chemist has been able to surpass the structural organic 
chemist in defining precisely the shape of a molecule. It has 
been proven that the triazide group is linear but not centro- 

1 Hofmann, U., and A. Frknzel, Ber., B 63, 1248 (1930). 

2 Hofmann, U., K. Endell, and D. Wilm, Z. Krist., 86, 340 (1933); 
Nagelschmidt, G., Z. Krist., 93, 481 (1936). 

3 Stock, A., and R. Wierl, Z. anorg. allgem. Chem., 203, 228 (1931). 

4 Robertson, J. M., Nature , 134, 138 (1934); Proc. Roy. Soc. (London), 
A 160, 106 (1935). 

6 James, R. W., G. King, and H. Horrocks, Proc. Roy. Soc. (London), 
A 163, 225 (1935). 

6 Knaggs, I., Proc. Roy. Soc. (London). A 160, 576 (1935); J . Chem . 
Phys., 3, 241 (1935); Hughes, E. W., J. Chem. Phys., 3, 1 (1935). 
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symmetrical, i.e. y the distance between the nitrogen attached to 
the ring and the central nitrogen is 1.26 A; while the distance 
between the outer nitrogens is 1.11 A. This lends support to 
Sidgwick’s 1 suggestion that the structure is the result of a 
resonance between —N = N =; N and —N <— N m N. 

Recent analyses of metaldehyde 2 and paraldehyde 3 are 
of considerable interest. The latter is a six-membered ring 
of alternating carbon and oxygen atoms, the C-0 distance being 
1.43 ± 0.02 A. To each carbon in the ring are attached a hydro¬ 
gen atom and a methyl group, the C-C distance being 1.54 A. 
Metaldehyde, a tetramer of formaldehyde, forms an eight- 
membered C-0 ring; a rather unusual structure to the organic 
chemist. In neither of these aldehydes is there an aldehyde 
group as such. In both, the angles in the ring are tetrahedral, 
thus forming a staggered ring typical of aliphatic carbon. In 
metaldehyde the methyl groups are said to be rotating. 

Interatomic Distances.—In Table 108 are listed the distances 
between two carbon atoms in the same molecule, as found experi¬ 
mentally in the several crystalline compounds indicated. 

It is notable that the different types of C-C linkages are 
manifested in a very real manner by the distances between the 
carbon atoms. However, for a given type, the interatomic 
distance is remarkably constant, irrespective of the other atoms 
with which the carbon atoms are associated and regardless of 
the properties of the compound as a whole, whether it be solid 
or gaseous. As further evidence of this, it has been stated that 
the heats of rupture of the C-C links are almost identical in two 
such widely different substances as diamond and solid ethane. 4 

Of course, the most significant result of the determination of 
interatomic distances is the well-established difference in length 
of the C-C (aliphatic) and C-C (aromatic) bonds. 

Although the interatomic distances in benzoquinone are not so 
accurately known as most of those in Table 108, they are of 

1 Sidgwick, N. V., Trans. Faraday Soc. f 30, 801 (1934). 

2 Pauling, Linus, and D. C. Carpenter, J. Am. Chem. Soc ., 58, 1274 
(1936) (X-ray diffraction). 

3 Carpenter, D. C., and L. 0. Brockway, J. Am. Chem. Soc. t 68, 1270 
(1936) (electron diffraction). 

4 Fajans, Kasimir, Ber. } 63, 643 (1920); 56, 2826 (1922). 
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particular interest. There are two C-C distances in the distorted 
ring, 1.50 A and 1.32 A. But these distances are characteristic 


Table 108.—C-C Distances, Intramolecular 


Link 

Substance 

Distance, 

A 

Method 

Refer¬ 

ence 

C—C 

Diamond 

1.54 

Crystal structure 

a 

Aliphatic 

n-Paraffins 

1.58 

Crystal structure 

b 


C 3 (CH 3 ) 6 , side chain 

1.55 

Crystal structure 

c 


Metaldehyde 

1.54+ .03 

Crystal structure 

d 


Dibenzyl H 3 C-CH 3 

1.58 

Crystal structure 

k 

C—C 

Graphite 

1.42 

Crystal structure 

d 

Aromatic 

CclCHa). 

1.42 

Crystal structure 

c 


Naphthalene 

1.45 

Crystal structure 

e 


Anthracene 

1.45 

Crystal structure 

s 


Durene 

1.41 

Crystal structure 

9 


Benzene vapor 

1.39 

Electron scatter¬ 

j 

■ 


Dibenzyl C-C 

1.41 

ing 

Crystal structure 

A; 

C (aromatic)-C 





(aliphatic) 

Dibenzyl C-CH> 

1.47 

Crystal structure 

k 


Ce(CH 3 )6 

1.48 

Crystal structure 

c 


Durene 

1.48 

Crystal structure 

9 

C—C (between 





rings) 

p-Diphenylbenzene 

1.48 

Crystal structure 

h 

C=C 

Ethylene 

1.31 

Electron-dif¬ 

i 

C=C 

Allene 

C 2 Br 2 

1.34 

1.20 

fraction 

Crystal structure 

i 

l 


a. Ehrenbert, W., Z. Krist., 63, 320 (1926). 

b. Muller, A., Proc. Roy. Soc. (London), A 114, 542 (1927); A 120, 437 (1928). 

c. Lonsdale, K., Proc. Roy. Soc. (London), A 123, 494 (1929). 

d. Paulino, Linus, and D. C. Carpenter, J. Am. Chem. Soc., 58, 1274 (1936). 

e. Robertson, J. M., Proc. Roy. Soc. (London), A 142, 674 (1933). 

/. Robertson, J. M., Proc. Roy. Soc. (London) A 140, 79 (1933); Z. Krist., 84, 321 (1933). 

g. Robertson, J. M., Proc. Roy. Soc. (London) A 141, 594 (1933). 

h. Pickett, L. W., Proc. Roy. Soc. (London) A 142, 333 (1933). 

i. Paulino, Linus and L. O. Brock way, J. Am. Chem. Soc., 59, 1223 (1937). 

j. Paulino, Linus, and L. O. Brockway, J. Chem. Phys., 2, 867 (1934). 

k. Robertson J. M., Proc. Roy. Soc. (London), A 146, 473 (1934); A 150, 348 (1936). 

l. Rrockway, L. O., and H. Levi, in publication. See Brockway, L. O., Rev. Modem 
Pkye ., 8, 261 (1936). 

of the C-C bond (aliphatic) and the C=C bond, respectively, 
and imply that in this modified ring the double bonds are fixed, 
as shown in Fig. 53. The C-0 distance of 1.14 A may be taken 
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as an indication that this is a double bond, C=0, although 
the length of the C=0 bond in urea is 1.25 A. 

From the relative values for the single, double, and triple bonds 
of carbon, the lengths of other double and triple bonds have 


Table 109.— Observed and Calculated Values of the Lengths of 
Single, Double, and Triple Bonds; and Experimental Evidence of 
Their Accuracy 


c 

Values obsd., A 

N 

Values, A 

O 

Values, A 

c—c 

i 

1.54 

N—N 

! 

1.40 

0—0 

1.32 

c=c 

1.34 

N=N 

1.22 

O—O 

i 1.14 (obsd.) 

CeeC 

1.20 

NeeN 

1.10 (obsd.) 

OeeO 

| 1.02 


Link 

Obsd., 

A 

Calc., 

A 

Source 

Method 

Refer¬ 

ence 

C—N 

1.44 

1.47 

(CH 2 ) 6 N, 

Crystal structure 

a 

C—N 

1.37 

1.47 

Urea 

Crystal structure 

b 

C—N 

1.37 

1.47 

Thiourea 

Crystal structure 

c 

C—N 

1.47 

1.47 

Methyl azide 

Electron diffraction 

d 

C—N 

1.38 

1.47 

Cyanuric triazide 

Crystal structure 

j 

C=N 

1.31 

1.28 

Cyanuric triazide 

Crystal structure 

i 

c=s 

1.64 

1.62 

Thiourea 

Crystal structure 

c 

C—0 

1.25 

1.24 

Urea 

Crystal structure 

b 

C=N 

1.18 

1.15 

Cyanogen 

Electron diffraction 

e 

N=N 

1.26 

1.22 

Methyl azide 

Electron diffraction 

d 

N=N 

1.26 

1.22 

Cyanuric triazide 

Crystal structure 

f 

NeeeN 

1.11 

1.10 

Cyanuric triazide 

Crystal structure 

f 

NeeN 

1.10 

1.10 

Methyl azide 

Electron diffraction 

d 


a. Dickinson, R. G., and A. L. Raymond, J, Am. Chem. Soc., 45, 22 (1923). 

b. Wyckoff, R. W. G., Z. Krivt.. 81, 102 (1932). 

c. Wyckoff, R. W. G., and R. B. Corey, Z. Krxst., 81, 386 (1932). 

d. Brockway, L. O., and Linus Pauling, Proc. Natl. Acad., 19, 860 (1933). 

e. Bbockway, L. O., Proc. Natl. Acad., 19, 868 (1933). 

/. Knaoos, I., Proc. Roy. Soc. {London), A 150, 676 (1935); J . Chem. Phye., 8, 241 (1935). 

been calculated, 1 assuming the percentage change in each case to 
be the same as the observed change in lengths of the C-C 
bonds. Table 109 shows the lengths of these bonds and also the 
calculated and observed values for several links for which the 
1 Pauling, Linus, and L. 0. Brockway, J, Am. Chem . Soc., 59, 1223 
(1937). 




THE STRUCTURES OF ORGANIC CRYSTALS 


343 


experimental values are known with reasonable certainty. 
Disagreement between observed and calculated values may be 
due to resonance between two or more bond types as discussed 
below. 


o= 


Fig. 53.—Structure of 
benzoquinone, as it may 
be deduced from X-ray 
data. 


The electron diffraction method of analysis of the structure 
of organic molecules, particularly of gases, 
is now being used very effectively. A 
very complete review discussing this 
method, its accuracy, and the significance 
of the results obtained, has recently 
appeared. 1 It should be noted that, in 
general, the earlier values of interatomic distances, determined 
by electron diffraction are not particularly accurate. 

With the increasing degree of accuracy of the experimental 
values for interatomic distances, it may be possible to estimate 
the nature of the single-bond-double-bond resonance in mole¬ 
cules; and an attempt to do this has already been made. 2 A 
curve showing the relation between interatomic distance and 

single-bond-double-bond resonance 
may be plotted as shown in Fig. 54, 
using the known C-C distances 
shown there. It has been assumed 
that the C-C bond in benzene is 
equivalent to li and that in graphite 
to 1^. Resonance between two 
structures apparently leads to an 
interatomic distance which is nearly 
as small as the smallest of those for 
an individual structure. Thus, C-C 
in benzene is 1.39 A, yet the reso¬ 
nance is probably about equal between C-C (1.54 A) and C=C 
(1.38 A). 

Similar curves may also be plotted to indicate resonance 
between C—O and C=0, or N—0 and N=0. 

Using these empirical curves, one may obtain data like those 
recorded in Table 110. 



c=c 


c-c 


Fig. 54.—Estimation of single¬ 
bond-double-bond resonance from 
carbon-carbon distances. [PauLt- 
ing, Linus, and L. O. Brockway, 
J. Am.Chem. Soc ., 59, 1223(1937).] 


1 Brockway, L. O., Rev. Modem Phye., 8, 231 (1936). 

* Pauling, Linus, L. O. Brockway, and J. Y. Beach, J. Am. Chem. Soc., 
57 , 2705 (1935). Pauling, Linus, and L. O. Brock way, J. Am. Chem. % 
Soc., 59 , 1213 (1937). 



344 


CRYSTAL CHEMISTRY 


It is proposed that the average C-C distance in aromatic 
hydrocarbons should approach the value 1.42 A as the size of the 


Table 110.— Interatomic Distances vs. Bond Type 


Molecule 

Bond 

Obsd. 
length, A 

Amount of 
double bond 

Cyclopen tadiene. 

C—C 

1.46 

0.20 

p-Diphenylbenzene. 

C—C 

1.48 

0.14 

Biphenyl. 

C—C 

1.48 

0.14 

Cyanogen. 

C—C 

1.43 

0.29 

Diacetylene. 

C—C 

1.43 

0.29 

Urea. 

C—N 

1.37 

0.28 


hydrocarbon increases. Thus for benzene C-C = 1.39 A; and 
in naphthalene, anthracene, and phenanthrene C-C = 1.41 A. 


Table 111.—C-C Minimum Approach in Adjacent Molecules 


Distance, A 

Compound 

Refer- 

ence 

3.64 

c 2 h 6 

a 

3.69 

C«(CH 3 ) 6 

a 

3.72 

c 6 h 12 n 4 

a 

3.82 

Tn-CeH^CNO-i)^ 

a 

3.6-3.9 

C 2 gH f,o 

a 

3.40 

Graphite (between layers) 

a 

3.87 

Durene 

b 

3.60 

Naphthalene 

c 

3.70 

Anthracene 

d 

3.92 

p-Diphenylbenzene 

e 

3.83 

Cellulose (between chains) 

f 

3.7 (HC-CH) ) 
4.1 (HC-CH 2 ) \ 

Dibenzyl 

Q 

3.45(C-CH) ) 
3.36(C-0) > 
3.62 (O-O) ) 

Benzoquinone 

h 


o. Hendbicks, S. B., Chem. Rev., 7, 431 (1930). 

b. Robebtbon, J. M., Proc. Roy. Soe. {London), A 141, 594 (1933). 

c. Robebtbon, J. M., Proc. Roy. Soc. {London), A 142, 674 (1933). 

d. Robebtbon, J. M., Proc. Roy. Soc. {London), A 140, 79 (1933). 

e. Pickett, L. W., Proc. Roy. Soc. {London), A 142, 333 (1933). 

/. Mark. H., and K. H. Meyer, Ber., 69, 593 (1928). 

g. Robebtbon, J. M., Proc. Roy. Soc. {London), A 146, 473 (1934). 

h. Robebtbon, J. M., Nature, 184, 138 (1934). 
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There seems to be a remarkably constant distance of closest 
approach between carbon atoms of neighboring molecules in a 
variety of organic crystals. Some of the more accurately known 
values, calculated from X-ray data, are listed in Table 111. 
These values are, at best, subject to greater error than the 
intramolecular distances in Table 108. 

The Hydrogen Domain. —As yet, nothing has been said con¬ 
cerning the size of the hydrogen atom in organic crystals. Its 
position, of course, cannot be detected by X-rays. The lengths 
of the C-H and N-H bonds, as determined from band spectra, are 
about 1.13 A and 1.08 A, respectively. 1 

The C-H distance in metaldehyde has been reported as 1.06 A. 2 

There has recently been made an ingenious attempt to define 
the “atomic domain 97 of hydrogen in organic crystals through a 
stereochemical approach. 3 It is concluded that the hydrogen 
radius depends upon the nature of the atom to which it is bound. 
The following values for the hydrogen-domain radius are deduced: 

Angstrom 


In methane. 1.002 (molecules of CH 4 rotating) 

In ethane. 1.165 

In ethane. 0.96 (molecules rotating) 

(CH 2 )«N 4 . 1.29 

Anthracene. 1.29 

Naphthalene. 1.29 

(CH 3 ) fi C 6 . 1.06 


It is interesting to note that when a group containing hydrogen 
rotates in the crystal lattice there is less room for each hydrogen 
to occupy than when the group is stationary. 

There is another side to this picture of the atomic domain of 
hydrogen. The constant distance of closest approach between 
carbon atoms of neighboring molecules in a variety of organic 
crystals, as listed in Table 110, is only slightly greater than the 
distance between layers in graphite, where there are no hydrogen 
atoms. Evidently presence of hydrogen atoms does not affect 
the C-C distance much. 

1 Hendricks, S. B., Chem. Rev., 7, 431 (1930). 

2 Paulino, Linus, and D. C. Carpenter, J. Am. Chem. Soc 58, 1274 
(1936). 

8 Mack, E., /. Am. Chem. Soc., 54, 2141 (1932). 
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One of the more interesting applications of crystal chemistry in 
the field of organic chemistry is the study of the optical activity of 
the substituted diphenyls. Attempts have been made to deter¬ 
mine the smallest groups or atoms which, in the ortho positions 
of the molecules, can prohibit rotation as a result of steric 
hindrance. With four ortho methyl groups, racemization is 
negligible ; 1 with F and NH 2 , racemization occurs, but very 
slowly . 2 Assuming the usual atomic radii for F (0.68) and N 
(0.71), these atoms in the ortho positions should not hinder 
rotation. Based on this and other evidence , 3 Sidgwick has 
proposed the existence of an “envelope” of rather constant 
thickness, surrounding organic molecules, and suggests that this 
extension of the sphere of influence of the F and NH 2 groups is 
sufficient to cause steric hindrance 4 in the diphenyls. The 
evidence presented by the diphenyls hardly justifies the assump¬ 
tion of an envelope completely surrounding the entire diphenyl 
molecule. Rather, it need merely be assumed that the spheres 
of mutual repulsion of the nitrogen and fluorine atoms extend 
beyond the chosen atomic radii. 

Intramolecular Forces in Organic Crystals.—In the hydro¬ 
carbons, the bonds between molecules are weak van der Waals’ 
forces. The fairly constant minimum distance of approach of 
molecules in a number of different crystals (see Table 111) 
suggests that these forces are of the same order of magnitude in 
every case. 

Local dipoles, such as the hydroxyl group, present in sugars and 
alcohols, cause such molecules to pack together so that dipoles of 
opposite signs are adjacent. 

Electrostatic forces, similar to those in ionic crystals, are to 
be found in crystals of the amino acids and other organic acids and 
bases. In general, heteropolar compounds in which forces 
stronger than van der Waals’ forces are operative, build stronger 
crystals, and crystals with greater regularity of molecular 
arrangement. 

1 Moyer, W. W., and R. Adams, J. Am. Chem. Soc ., 51, 630 (1929). 

2 Kleiderbr, E. C., and R. Adams, J. Am. Chem. Soc., 53, 1575 (1931). 

1 The greater distance between atoms in neighboring molecules, owing to 
their mutual repulsion, than between linked atoms in the same molecule. 

* Sidgwick, N. V., Ann. Repta. (London), 29, 67 (1932). 
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Summary. —The organic crystal is built of molecules. 

The structure of an organic crystal depends primarily upon the 
shape of its building stones and the nature of the forces between 
them. 

The tetrahedral carbon atom in aliphatic compounds leads to 
somewhat spherical building stones in the simpler molecules; 
long zigzag chains, as in the paraffins; or puckered rings, as in 
cyclohexane. 

The flat benzene ring, as found in graphite, is the fundamental 
building stone in all aromatic crystals. 

The accurate measurement of interatomic distances within 
molecules has shown that: 

1. The length of the aliphatic C-C bond is constant in different 
compounds, as is that of the aromatic C-C bond; but the two 
are characteristically different. 

2. The lengths of single, double, and triple C-C bonds are 
different and characteristic. 

3. In general, the length of a bond is indicative of the nature 
of the bond. 



CHAPTER XII 


NATURAL FIBERS 

In the preceding chapters it has been shown in a general way 
how the properties of crystals are related to the size and bonding 
properties of their building stones. The properties which have 
been discussed are those of single crystals of the substance in 
question. In most of our dealings with solids, however, we 
handle a quantity of material usually containing a large number 
of relatively small crystals. Calcium carbonate does exist in 
nature in large single crystals (Iceland spar), but in its most used 
forms (marble, chalk, and the like) the individual crystals are 
very small. A single crystal is usually recognized by its trans¬ 
parency, even though it may not be perfectly formed; whereas 
an aggregate of small crystals, even though just as compact 
in appearance, will generally not be transparent. In most 
inorganic crystalline aggregates the crystals are assembled in a 
haphazard manner, showing no regularity in their arrangement. 
There is, however, a large group of important substances, mostly 
animal or vegetable in nature, known as fibers. The properties 
of these fibers are due not only to the properties of the single 
crystals of which they are built, but also to the arrangement or 
orientation of these crystals in the whole. Thus although both 
are essentially cellulose, the tensile strength of a cotton fiber 
approximates that of copper wire, while that of a ramie or flax 
fiber may approach the strength of a good steel wire. Any study 
of the nature of solids, then, would be incomplete without a 
consideration of these crystalline fibers. 

The characteristic orientation of the building stones of all 
fibers may be easily visualized with the aid of the following 
illustration. Consider a large number of matchsticks (tetragonal 
crystals, if the cross section is square) piled carelessly in random 
orientation. If an ordinary rake be drawn through this pile 
there will be a tendency for the long axes of the match “ crystals” 
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to line up in the direction in which the rake has been drawn. 
The same tendency for “lining up” may be noticed when grass 
is raked. Moreover, the greater the number of times the pile 
is raked, the more perfect will be the alignment of the matches. 
A clear picture of this simple process should be kept in mind 
throughout the following discussion, for it simulates in a general 
way the forces which are responsible for the production of all 
natural and artificial fibers. The match “crystals” have 
assumed a preferred orientation, lying with their long axes more 
or less parallel. In the following pages we shall use the term 
“fiber” in this structural sense—aggregate in which crystals or 
chain molecules show a preferred orientation, the direction in 
which they are aligned being that of the fiber axis. It is because 
of this orientation that the properties of fibers along the fiber axis 
differ from their properties perpendicular to this axis and differ 
greatly from a random aggregate of crystals of the same chemical 
composition. 

It should be evident that the greatest tendency for fibering 
will be found among those substances whose molecules are long; 
and the longer they are in comparison to their width the more 
apt are they to form fibers. Obviously, if we were to rake 
marbles instead of matchsticks, no end of raking would cause 
any orientation or fibering of these spherical bodies. 

Because of their long molecules, fibering is very common among 
long-chain hydrocarbons and their derivatives, and the existence 
of fibers, of groups of molecules all oriented in the same direction, 
has far-reaching influences of great practical importance. The 
melting points of the long-chain hydrocarbons depend upon the 
fact that in the solid form these molecules lie side by side. 
The relatively weak molecular or van der Waals’ forces between 
parallel long molecules are naturally greater than those between 
shorter molecules of the same general character. A common 
characteristic of the paraffins and indeed of all chain compounds 
and more complicated fibers is that the chemical formulas of a 
whole series are essentially similar, but there is a gradual change 
in physical properties dependent upon the length of the molecule. 
This change would not occur if the molecules were not fibered, 
i.e., if they did not align themselves in parallel bundles. Matches 
in a brush heap arrangement would not be expected to increase 
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their attraction for each other as their length increased. If 
anything, the longer sticks would be more loosely packed when 
there is no orderliness in this packing. But, because the mole¬ 
cules tend to line up parallel as they become appreciably longer 
than they are wide, only the first four of the paraffin hydrocarbons 
are gases, the next ten or twelve are liquids at room temperatures, 
and from then on, the long chains form solids, increasing in 
solidity as the number of carbon atoms in the chain increases, 
from the relatively soft vaseline, to paraffin wax and harder 
waxes. Carried to the extreme, this picture leads to an interest¬ 
ing possibility of the existence of molecules so long that, when 
they form fibers, the forces holding the chain molecules together 
are actually stronger than the forces within a simple molecule. 
When this situation exists, as the temperature of the substance 
is raised, the intramolecular forces give way before the inter- 
molecular. It is a fact that hydrocarbons containing more than 
seventy carbon atoms in the chain decompose rather than melt. 1 
Fortunately, from the practical standpoint, it is a characteristic 
of natural textile fibers to decompose before they melt. 

Any child knows that it is much more fun to slide on a soft, 
velvety carpet than on a rag rug. It is the pile of the carpet 
which makes it so much more slippery. For the same reason, 
the lubricating oils reduce friction and function as good lubri¬ 
cants; their molecules tend to line up parallel to each other and 
perpendicular to the bearing surface, forming a submicroscopic 
pile which functions exactly like that of the rug. Astbury 
has pointed out an interesting comparison of this lubrication by 
long-chain oils with the lubrication by graphite. “If slipping 
on oil is like slipping on the carpet, then slipping on graphite is 
like stepping on a mat on a polished floor.” There is no need to 
describe the too familiar result of this unfortunate move. 

This tendency of long-chain molecules to lie parallel results 
in a fairly rigid layer, and the rigidity increases with the length 
of the molecules. Anyone who has tried to put up a ready-made 
picket fence, one of those rolls of wooden pickets wired together, 

1 Carothbrs, W. H., J. W. Hill, J. E. Kirby, and R. A. Jacobson, 
J. Am. Chem. Soc 52, 5299 (1930), have suggested that the upper limit 
of distillability of long-chain polymers may lie at a molecular weight of 
1200 to 1500. 
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knows that it is almost impossible to lead it over a sharp slope 
and maintain the pickets in a vertical position, as shown in Fig. 
55. To carry the fence over the slope, the pickets must be bent, 
torn apart or made to slide past each other. The same resistance 
to “waving” is set up by long molecules oriented on a surface. 
The cohesive force between long oil molecules tends to resist wave 
motion so strongly that spreading a thin layer on the surface of 
rough water actually causes the water waves to subside. Pouring 
oil on troubled waters has been a custom for many centuries, 



Fio. 55.—Schematic illustration of resistance of parallel, long-chain molecules 

to waving. 


but the reason for its effectiveness has not always been so well 
known. 

When long-chain molecules have so-called “ active ends,” 
they often line up even more readily than without these active 
ends. The fatty acids have ends of this type. They are formed 
by replacing the CIi 3 group by a COOH group. A character¬ 
istic of this acid, or carboxyl group of great practical importance 
is its attraction for water. Acetic acid, H 3 C-COOH, which may 
be thought of as ethane, H 3 C-CH 3 , in which one of the ends has 
been replaced by the active — COOH, is completely miscible 
with water. The COOH group plunges into the water, as it were, 
and drags the small CH 3 group after it. In oleic acid, 


H 2 h 2 h 2 h 2 h 2 h 2 h 2 h 2 

lldcdcccdd COOH 

v/ \y \y \y v/ \y \y v/ 

ccccccccc 
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the COOH has a tendency to do the same thing, and it does, but 
it is unable to drag the rest of the molecule after it into the water. 
That would be a case of the tail wagging the dog. As a result, 
we find oleic acid molecules aligned on the surface of the water, 
the active ends submerged in the water, the other ends standing 
up on the surface like the pile of a carpet. 

The soaps, like sodium or potassium oleate, are long-chain 
molecules with active heads. When a solution of soap comes in 
contact with oil or grease, the soap molecules are torn between 
two attractions. The molecules as a whole resemble the long 
molecules of the oil, and oil and soap therefore mix readily, but 
the active ends of the soap retain their strong attraction for 
water. If we could peer into the emulsion formed when oil and 
water are shaken up with soap or when grease is removed from 
the hands by washing with soap and water, we should see tiny 
droplets composed of oil and soap molecules and, on the surface 
layer of the drops, all the soap molecules lined up with their 
active ends pointing outward towards the water. Emulsifying 
agents and wetting agents, so useful in industry, are long, fiber 
molecules which tend to line up parallel to each other forming a 
relatively tough layer. 

In general, the molecules of oils and soaps are about ten times 
^nger than they are thick. They are, in reality, the babes in 
the family of fibers, hardly worthy of the name when we compare 
them with some of the very long textile fibers, fibers which may be 
several hundred times as long as they are thick. In comparing 
the occurrence and behavior of these simple molecular fibers with 
the more complicated ones to be discussed, it is helpful to keep 
in mind the picture of the pile of a carpet as it is related to the 
woven fabric. This pile consists of relatively short fibers, secured 
at one end and roughly parallel, the other ends more or less free 
to move about. For the woven fabric, much longer fibers must 
be used, and they are fixed in a more permanent relationship 
to each other in the yam. These conditions are necessary to give 
strength to the yam. The lengths of the simple molecules bear 
about the same relation to the molecules of the common textile 
fiber as the pile of a carpet bears to the fibers of a woven fabric. 

One of the most interesting generalizations to which the X-ray 
study of the structure of growing things has led is that all the 
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materials of the plant and animal world which are commonly 
referred to as fibers are also fibers in the structural sense just 
described. The uninitiated do not ordinarily think of cellulose, 
wool, and the like as crystalline substances, but microscopic and 
X-ray evidence indicate that there is an orderly arrangement of 
the building stones in these materials. However, in structures 
produced by organisms, forces are active which are not ordinarily 
present in solutions during the formation of crystals in vitro, 
and it may be the presence of these forces which prevents a clean- 
cut crystalline regularity in the structure. 

X-RAY ANALYSIS OF FIBER ORIENTATION 

X-ray analysis has proved very useful in the investigation of 
the structures of fibers, particularly in the determination of the 
manner of orientation of the groups of crystals in the fiber. The 
general procedure is very simple, although for special purposes 
various refinements may be employed. A beam of X rays 
is allowed to pass through a small bundle of the fibers, and the 
diffraction pattern is recorded on a photographic film. 

Although it is not our purpose to undertake the interpretation 
of X-ray diffraction patterns, a word about the patterns produced 
by fibers should be of considerable interest. 1 When an X-ray 
beam is passed through a single crystal, the resulting pattern is 
one of symmetrically distributed points, as shown in Fig. 56. 
Now, if this single crystal were powdered very fine, and the X-ray 
beam passed through the powder, according to the law of aver¬ 
ages, the crystals would lie in every possible position with respect 
to the X-ray beam. The spots of the single crystal Laue pattern 
would be extended to the familiar concentric rings of the Debye- 
Scherrer or powder pattern. There is another common type of 
diffraction pattern known as the rotation pattern, obtained by 
rotating a single crystal around only one of its axes, set per¬ 
pendicular to the direction of the X-ray beam. A rotation 
pattern is shown in Fig. 57 a. Under these conditions, only a 
limited number of the planes in the crystal lattice come into 
positions defined by the Bragg law to permit diffraction by the 

1 For a detailed and very readable discussion of this subject, see W. T. 
Astbury, “The Fundamentals of Fiber Structure/' Oxford University 
Press, New York, 1933. 
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X-rays. The pattern is characterized by spots arranged on a 
well-defined equator line and symmetrical arcs above and below 
this equator. 

Now, it happens that the diffraction pattern of a well-formed 
fiber is very similar to a rotation diagram. Compare, for 
example, Figs. 57 a and 576. Figure 57a is the pattern produced 
when a single crystal of a silver nitrate-urea addition compound 
is rotated around an axis perpendicular to the X-ray beam. 



Fig. 56.—A Laue pattern of sodium chloride. (Courtesy of G. L. Clark.) 

Figure 576 is the diffraction pattern produced by a variety of 
asbestos, a typical mineral fiber. Figure 57c is the pattern of 
ramie, a cellulose fiber. Figure 57 d is the diffraction pattern 
of a bacterial cellulose membrane, softened in NaOH and 
stretched. 1 Figure 57c is a fiber pattern of chitin, a substance 
very similar to cellulose in which the secondary hydroxyl on the 
a carbon atom of the latter is replaced by an acetamide group. 2 
It is formed in the skeletons of insects, Crustacea, and other 
invertebrates. The diffraction pattern shown is that of a lobster 

1 Sisson, W. A., J. Phys. Chem 40, 343 (1936). 

2 Meyer, K. H., and H. Mark, Ber. y 61, 1936 (1928). 
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Fig. 57. —X-ray diffraction patterns of typical fibers, (a) A rotation diagram 
for a single crystal. ( G. L. Clark.) ( b ) Asbestos, a typical mineral fiber. 
(0. L . Clark.) (c) Kamie. (G. L. Clark.) ( d) A bacterial cellulose membrane, 
softened in NaOH and stretched. (W. A. Sisson.) ( e) Chitin, a lobster tendon. 
(G. L. Clark.) (J) Stretched rubber. (G . L. Clark.) 
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tendon. 1 Figure 57/ is a pattern for stretched rubber. It is 
difficult to escape the conviction that all of these are the result of 
molecular orientation leading to the same sort of crystalline 
arrangement. Inasmuch as the fibers are not mechanically 
rotated during the exposure, the crystals must lie in such a way 
that the effect of rotation is produced. This is the case with 
the orientated matchsticks. When they are raked into line, only 
the long axes of the crystals arc parallel to each other. In 
regard to the two axes perpendicular to this, no regularity has 
been produced. It is evident that, given enough sticks to permit 
a statistical distribution, the axes a and b perpendicular to the 
parallel c axes, could lie in every possible direction through 
360 deg., producing the same effect upon X-rays as the rotation 
around the c axis of a single crystal. 

Unfortunately, very few natural fibers have structures suffi¬ 
ciently regular to give the detailed diffraction pattern of ramie. 
From the practical standpoint, however, this is not so serious 
a handicap as it might appear. The physical properties of fibers 
are most noticeably affected by the orientation of the long 
molecules of cellulose which go to make up the fiber. These may 
be parallel to each other and to the fiber axis, as they are in ramie 
and in some woods. Such an alignment produces a fiber with 
the most marked directional properties. The molecules may be 
parallel to each other but lie on a spiral at a fairly constant angle 
to the fiber axis; this arrangement is characteristic of some 
compression wood fibers—fibers which grow on the underside 
of boughs and the leaning side of trunks. The long molecules 
may not be parallel to each other, they may deviate more or 
less from this orderly arrangement, and the deviation may be 
from the alignment parallel to the fiber axis or from the perfect 
spiral orientation. Of course, the greater the deviation from a 
parallel orientation, i.e., the less perfect the fiber structure, the 
less marked will be the directional properties of the fiber. The 
importance of this fact will develop as specific fiber materials are 
considered. 

A means of estimating the direction of orientation of the mole¬ 
cules and the perfection of their orientation in a crystalline fiber 

1 Clark, G. L., and A. F. Smith, J . Phys. Chem., 40, 863 (1936). This is 
an extremely interesting paper on chitin, chitosan, and derivatives. 
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is of great practical value. The manner in which this may 
be done from the X-ray diffraction pattern is shown in a general 


Diagram showing orientation. 
6 - angle ofslope of crystals 
to fiber axis A-A. The X-ray 
beam is perpendicular 
to the paper. 

u 

Nearly parallel to fiber axis. Diffraction 
maxima B are produced by planes 
extending parallel to fiber axis. 

Typical fibers: ramie,many woods 


(a) 

A 



A 


Parallel to each other, spiral in the 
fiber wall Diffraction maxima B 
are produced by same planes as 
are maxima B in above pattern, 
but now they slope at angle 
to fiber axis 

Typical fiber: Compression wood, 
grown on leaning side of trunk 
or underside of branches of 
many conifers. 



(b) 


Diagram of essentia I features 
of X-ray pattern produced. 

0 measures slope of crystals 
to fiber axis. X-Xshows 
direction of fiber axis. X-ray 
beam is perpendicular 
to the paper. 




Fig. 58. —Relation between orientation of crystallites in a fiber and the X-ray 
diffraction pattern produced. 


way in Fig. 58 and has been discussed very clearly in considerable 
detail by Sisson. 1 By observing the intensity distribution 
1 Sisson, W. A., J. Phys. Chern. } 40, 343 (1936). 
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around the concentric rings of the patterns, it is possible to 
determine in a general way: 

1 . The type of orientation (see Sisson). 

2. The angle of slope of the crystals to the fiber axis, if this 
angle is fairly constant. 

3. The average slope and the approximate deviation from this 
average, if the angle of slope is not constant. 

The* difference between the orientation of fibers in Figs. 58b 
and 58c is particularly significant. Too often the pattern of 
Fig. 58c, particularly as produced by cotton, has been attributed 
to fibers oriented on a spiral, not parallel to the fiber axis “but 
inclined at a roughly constant angle to it.” 1 It may be readily 
demonstrated that crystalline fibers oriented on a spiral at a 
roughly constant angle to the fiber axis produce a diffraction 
pattern like that of Fig. 58 b, not like Fig. 58c. 2 A section of 
Lombardy poplar in which the fibers are well oriented parallel 
to the fiber axis will produce the pattern of Fig. 58a. This 
same section may be mounted on a goniometer so that the fiber 
axis makes an angle A with the axis of rotation, and the axis of 
rotation is perpendicular to the X-ray beam. Then, if the sec¬ 
tion is rotated during the exposure, the pattern of Fig. 585 is 
produced. But the effect of this rotating specimen upon an 
X-ray beam is exactly the same as that of a stationary fiber in 
which the crystals lie parallel to each other on a spiral at a 
constant angle A to the fiber axis. 3 

NATURAL FIBERS 

A great deal could be written about the structure of fibers and, 
indeed, their microscopic structure particularly has been studied 
for many years with great profit. Our chief purpose is to show 
the influence upon physical properties of that orientation of 
crystals which has been defined as fibering or fiber structure; 
those features of structure which are usually invisible in the 
microscope and are at the very bottom of the behavior of fibers. 
The discussion will be limited to this phase of the subject. 

1 Astbuby, W. T., “Fundamentals of Fiber Structure,” p. 88, Oxford 
University Press, New York, 1933. 

a Stillwell, C. W., Physics , 4, 167 (1933). 

* See also Sisson, W. A., Ind. Eng. Chem ., 27, 51 (1935), for “synthesis” 
of oriented cellulose patterns. 
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Asbestos. —One of the most perfect of all natural fibers, and 
the only natural fiber commonly found among minerals is 
asbestos (see Fig. 576). The essential feature of crystalline 
asbestos, the skeleton or framework of silicon-oxygen chains 
upon which the crystal is built, has already been described 
in the chapter on the silicates. It may be recalled that these 
chains run in the direction of the fiber axis and since the silicon- 
oxygen bond along the chains is stronger than the forces between 
chains, the tensile strength of the fibers is very high, but they may 
be split apart with ease. 

Cellulose Fibers. General .—Although we are here concerned 
primarily with the ultimate crystal structure of fibers, it will be 
profitable for those not familiar with them to know something 
of their microscopic structure before considering those units of 
structure which cannot be seen with the microscope. Cotton 
fibers are approximately cylindrical in cross section, averaging 
about 0.02 mm. in diameter and about 20 to 60 mm. in length, 
although these values may vary considerably. The cylinders 
are hollow, and the fibers as a whole show corkscrew-like twists 
along their lengths. In the cell wall a number of spiral striations 
may be seen, sloped at various angles to the fiber axis, and, when 
suitable chemical treatment is applied, it may be shown that these 
.striations mark the positions of smaller cellulose units of which 
the wall is built—long, threadlike bodies known as “fibrils.” 1 

Recently it has been reported that the cotton fiber membrane 
may be resolved into small beadlike units. It has been demon¬ 
strated that in very young cotton fibers this beadlike structure 
develops, and it would appear that as the fiber matures the 
stringing of these beads, end to end, marks the beginning of 
fibril development. 2 Although this structure has disappeared in 
the mature fiber, a careful disintegration of the fiber with hydro¬ 
chloric acid reveals, first the fibril and finally these same beadlike 
units, first in chain formation and finally isolated as single beads. 3 

1 For a detailed description of cotton and other textile fibers, see J. M. 
Matthews, “Textile Fibers,” John Wiley & Sons, Inc., New York, 1924. 

2 Farr, W. K., and S. H. Eckerson, Contrib. Boyce Thompson Inst., 6, 
189 (1934). 

3 Farr, W. K., and S. H. Eckerson, Contrib . Boyce Thompson Jnst. f 6, 
309 (1934). 
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(c) 

Fia. 59.—(a) Early stage of fibril formation from cellulose particles in young 
cotton fiber X 900 enlarged to 1350. (5) Fibrils and cellulose particles dissected 
from membrane of young cotton fiber. X 1250. (c) Disintegration of the 

membrane of a mature cotton fiber by treatment with approximately 25 per cent 
H3PO4 and slight pressure. X 900 enlarged to 1350. (Courtesy of W. K. Farr.) 
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Fiq. 60.—Disintegration of cotton fiber by treatment with HC1 (sp. gr. 1.10). 
(a) After 2$ hr. treatment. The fibril and particle structure of the membrane 
are suggested. X 350. (b) After 18 hours’ treatment. X 350. (c) Extreme 

disintegration after 5 days’ treatment. X 350. ( d) Separate particles at higher 

magnification. X 1630. (Courtesy of W. K. Farr.) 
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It is interesting to find that in the young fiber and in the mature 
fiber these beads are always about the same size and appear to be 
the same structural unit. Photomicrographs showing stages in 
the development of the cotton fiber and in its disintegration are 
reproduced in Figs. 59 and 60. Chitin, 1 which is structurally 
similar to cellulose, is reported to exist in the glands of a worm of 
Northern Europe as tiny beads, strongly anisotropic and giving 
every indication of being well-organized 
crystallites. 

Wood fibers are much shorter than cot¬ 
ton, varying in length from 1 to 3 mm. r 
depending upon the distance from the pith. 
A diagram of the structure of a highly 
magnified, typical wood fiber is shown in 
Fig. 61. In Fig. 62 photomicrographs of 
actual wood fibers show several stages of 
disintegration, first into the fibrils, then into 
smaller units called “fusiform bodies.” 2 
These tiny, microscopic forms are con¬ 
structed by nature from the invisible build¬ 
ing stones, the unit cells of crystalline 
cellulose which are described in the follow¬ 
ing pages. It has been reported that the 
fusiform bodies can be broken down into 
still smaller units, spherical when separated 
from the parent body, and about 4,500 A in diameter. 3 

The chief constituent of all plant fibers is cellulose. 4 Because 
some cellulose fibers (ramie and flax) produce a very detailed 
X-ray diffraction pattern, investigators have been able to learn 
more about their crystal structure than about the structures of 
the other natural fibers. It is convenient, therefore, to consider 
the cellulose fiber in some detail as a point of departure for 
our understanding of the structure and behavior of fibers in 
general. 



Fio. 61.—Schematic 
diagram of a highly 
magnified wood fiber. 
[From G. W. Scarth and 
J. D. Spier; Trans. Roy. 
Soc . (Canada), (3) 23, 288 
(1929).] 


1 Borodin, D. N., Z. Morphol. Okol. Tiere , 7, 26 (1929). 

* Ritter, G. J., Ind. Eng. Chem. } 21, 289 (1929). 

1 Ritter, G. J., and R. M. Seborg, Ind. Eng. Chem ., 22, 1329 (1930). 

4 Wood contains much less cellulose than any of the other plant fibers— 
only about 50 per cent. Wood contains approximately 30 per cent of lignin. 
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The Unit Cell of Cellulose .—A chemical analysis of cellulose 
shows it to be a carbohydrate containing carbon, hydrogen, and 
oxygen in the ratio CeHioOs. Its formula is usually written 
(CgH 10O5) n because the number of CeHi 0 O5 groups in the molecule 
is indefinite. The organic chemist writes its structural formula 
as follows: 


H 0 
H 0 H 

I I I 

-c 6 h 16 o 6 —o—c—c—c 


/ 


C6H10O5- 


H H 



C—H 


The unit is spoken of as a glucose residue, since it is formed 
from glucose CcH^Oe by the removal of water. When to this 
information furnished by the chemist the X-ray data are added, 
another picture of the grouping of the atoms in cellulose develops. 
Figures 63 and 64 show several views of this arrangement as it 
has most recently been described. 1 It is significant that the 
atoms do not all lie in the plane of the ring but are arranged in a 
zigzag fashion in order to permit tetrahedral valence angles for 
the carbon atoms. 

It is believed that in the formation of the fiber wall glucose 
molecules, present in solution, approach the growing wall and, as 
they attach themselves to it, water is split away. 2 The glucose 
residues are thought to unite with each other through so-called 
“oxygen bridges,” forming chains of indefinite length. In the 
model shown, the oxygen bridge has been made symmetrical in 
relation to the carbon atoms which it connects in order to give 
constant valence angles. The chains are the backbone of the 
cellulose fiber. 

1 Meyer, K. H., and L. Misch, Helv. Chim. Acta , 20, 236 (1937). 

2 For detailed descriptions of the possible mechanism of cell wall growth, 
see O. L. Sponsler, Plant Physiol ., 4, 329 (1929); F. T. Pierce, Trans. Faraday 
Soc ., 26, 809 (1930); O. L. Sponsler, J. Am. Chem. Soc., 66, 1599 (1934). 
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The deduction of the structure of cellulose has been a coopera¬ 
tive effort, a result of the correlation of chemical and X-ray- 
data. The chemical evidence alone first contributed the concep¬ 
tion of glucose residues, linked together by oxygen atoms attached 



Fig. 62.—Several stages in the disintegration of wood fibers, (a) Partially 
loosened fibrils of the inner layers of an elm fiber. Magnified about 650 times. 
(5) Windings of the fibrils of the outer layer of a loblolly pine fiber, and extreme 
transverse swelling of the inner layers from which the outer layer has been dis¬ 
solved. Magnified about 650 times, (c) Isolated elm fibrils with larger sections 
of elm fibers. Magnified about 650 times. ( d) Fusiform bodies from elm fibers. 
Magnified about 800 times. (Courtesy of G. J . Ritter.) 


to the 1-4 carbon atoms of neighboring residues to form cellobiose. 
The X-ray analysis established the distance 10.3 A as the identity 
period along the fiber axis. It was then realized that if the proper 
atomic diameters were substituted it would take two glucose 
residues to extend along the axis 10.3 A. It will be recalled that 
the unit cell is the smallest part of a crystal which shows the 
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characteristic “building plan” of the crystal. Since the length 
of the unit cell of cellulose must be that of two glucose residues, 
the lower C 6 Hi 0 O 5 group is evidently not in the same relative 
position as is the upper one, but, as pictured in Figs. 63 and 64, 
is rotated through 180 deg. 1 However, at this stage of the analy¬ 
sis, it is not a simple matter to establish the details of structure 
with certainty, and there have been several interpretations of the 
X-ray data, each leading to a slightly 
different arrangement of the atoms in 
the unit cell. Meyer and Mark 2 and 
Sponsler and Dore 3 were among the first 
to propose a structure for crystalline 
cellulose. They were in general agree¬ 
ment, except that they chose different 
axes on which to build their crystals. 4 
According to Meyer and Mark the cell is 
monoclinic, a = 8.3, b = 10.3, c = 7.9, 

0 = 84°; whereas Sponsler and Dore 
described it as essentially rhombic, with 
the same b axis and identity period, 10.3 
A. Later descriptions of the details of 
the structure were attempted to make 
the arrangement of the atoms consistent 
with the X-ray intensity data and the 
most likely atomic radii and valence angles, as these became 
better understood from the study of other organic crystals. The 
arrangement proposed by Meyer and Misch of the atoms in the 
cellobiose unit (Fig. 63) and of these groups in the unit cell (Fig. 

1 According to E. Sauter [Z. physik. Chem., B 36, 83 (1937)] alternate 
glucose residues are rotated through about 90 deg. This structure was 
determined by means of a radically new X-ray diffraction technique. Since 
the structure is quite different from any proposed heretofore, its acceptance 
must await independent verification. 

2 Meyer, K. H., and H. Mark, Ber., B 61, 593 (1928); “Der Aufbau der 
hochpolyeren organischen Naturstoffe,” p. 94, Hirschwaldsche Buchhand- 
lung, Leipzig, 1930; Mark, H., “ Physik und Chemie der Cellulose,” Julius 
Springer, Berlin, 1932. 

8 Sponsler, O. L., and W. H. Dore, “Fourth Colloid Symposium Mono¬ 
graph, “ p. 174, Williams & Wilkins Company, Baltimore, 1926; Sponsler, 
O. L., Quart. Rev. Biol., 8, 1 (1933), a summary of previous work. 

* Bragg, W. H., Nature , 126, 634 (1930). 



Fig. 63. —Arrangement of 
atoms in cellulose. The 
cellobiose unit. [From K. 
II. Meyer and L. Misch, 
Helv. Chim. Acta, 20 , 235 
(1937).] 
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(a) 

Fig. 64a. —The unit cell of cellulose. Projection on the plane ac, perpendicular 
to 6, the direction of the fiber axis. 
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(c) 

Fig. 64c.—T he unit cell of cellulose. Projection on the plane ab, perpendicular 

to c. 



Fig. 64 d .—Schematic representation of the unit cell of native cellulose.- 
[All four parts of Fig. 64 from K. H. Meyer and L. Misch , Helv. Chtm. Acta, SO, 
236 (1037).] 
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64) are said to more nearly satisfy all the requirements than any 
previous model. The atoms are so arranged that all the C-C dis¬ 
tances are 1.54 ± 0.01 A and all the C-0 distances are 1.45 ± 0.03 
A. There are four glucose residues in a unit cell, and the glucose 
residues in the center chain of the cell are staggered with respect 
to those in the chains at the corners. The primary unit of 
structure is the chain, running lengthwise of the crystal; a second¬ 
ary structure of cross hairs may be pictured, strengthened by 
hydroxyl bonds, 1 the OH-OH distance being 2.6 A. 

Cellulose, therefore, is an example of a molecular crystal in 
so far as the points on the lattice are occupied by C 6 HioO& groups 
rather than by ions or atoms. When used in connection with 
cellulose, the term “molecule” loses its usual significance. 
Evidently the CgHioOs group is not a molecule since it does not 
occur as a separate entity but is connected to other similar groups 
through valence bonds. An entire chain might be thought of 
as a molecule, but the chains are probably of widely different 
lengths. This, indeed, may be one reason for the very different 
values which have been obtained for the “molecular weight.” 

Molecular weight determinations are made, not on cellulose 
fibers but after these fibers have been broken down by various 
chemical reagents. Cuprammonium is believed to be the only 
reagent which will disperse cellulose with a limited amount of 
degradation. The advantages and limitations of the many 
methods used for the determination of average molecular weights 
of cellulose and cellulose derivatives have been discussed thor¬ 
oughly by Kraemer and Lansing 2 whose latest value for cotton 
cellulose, obtained by the sedimentation of a cuprammonium 
dispersion, is 300,000. Values of 100,000 were obtained for 
regenerated cellulose. 3 These values compare with 56,000 
for cotton cellulose determined previously by the same method. 4 
The opinion has been offered 5 that the ultracentrifuge method 
cannot be counted upon too heavily to give accurate absolute 
values; in fact, the whole question of molecular weights of 
cellulose and its derivatives is at present very confusing. 

1 Bernal, J. D., Proc. Roy. Soc. (London), A 151, 384 (1935). 

2 Kraemer, E. O., and W. D. Lansing, J . Phya. Chem ., 39, 153 (1935). 

3 Kraemer, E. O., and W. D. Lansing, Nature , 133, 870 (1934). 

4 Stamm, A. J., J. Am. Chem. Soc., 52, 3047 (1930). 

b Kraemer, E. O., and W. D. Lansing, J. Am. Chem. Soc., 65, 4319 (1933). 
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So far we have considered only the crystal structure of the 
cellulose. The probable position of the cellulose crystals with 
relation to the fiber as a whole is also of interest. The unit 
cells may lie in concentric orientation, with the same face always 
toward the lumen, or there may be a completely haphazard 
array of fibers in the cell wall; in either case the crystals would 
lie in every possible position with respect to the X-ray beam 
passing through them perpendicular to the fiber axis, inasmuch 
as a large number of fibers is usually required to produce the 
diffraction pattern. Evidently, if a single fiber could be split 
and flattened out and the X-ray beam passed through this 
section, then it would be possible to tell at once whether the same 
crystal faces were parallel to each other or whether the arrange¬ 
ment was haphazard. A cellulose fiber lias actually been found 
which is large enough to permit this experiment. The large cells 
of the seaweed Valonia, 10 to 20 mm. in diameter, are ideal for 
the purpose; and it has been shown that in Valonia the planes 
separated by the distance 6.1 A (Sponsler’s unit cell) are tan¬ 
gential to the surface of the split cell. 1 Sponsler holds that it is 
a fair assumption that this same orientation exists in other 
cellulose fibers. 1 ' On the other hand Sisson 3 has proposed that, 
in fibers in which the crystalline cellulose is well oriented on a 
spiral, the crystals are not arranged with the same face always 
tangential to the cell wall. The use of a photometric method 
developed by Sisson and Clark for measuring diffraction intensi¬ 
ties offers a very convenient means of recording intensity data, 
although it is not necessarily a more accurate method of detecting 
intensity differences and has not yet revealed any detail in X-ray 
diffraction patterns which could not be observed by a visual 
inspection of the films. However, Sisson has shown that it can 
be used more accurately than the eye for arranging a series of 
films in the proper order. 4 

While X-ray analysis, aided by other physical and chemical 
facts, has revealed its long-chain crystalline backbone, there 

Sponsler, O. L., Nature , 125, 633 (1930). 

2 See also Sponsler, O. L., J. Am. Chem. Soc., 56, 1599 (1934). 

3 Sisson, W. A., and G. L. Clark, Ind. Eng. Chem. Anal. Ed., 5,296 (1933); 
Sisson, W. A., Ind. Eng. Chem., 27, 51 (1935). 

4 Sisson, W. A., private communication. 
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are well-known properties of the cellulose fiber which indicate 
that it is not composed entirely of a single crystal or even a 
completely crystalline aggregate. The X-ray diffraction pattern 
shows evidence of amorphous material; the characteristic swelling 
and plastic flow must be explained. To account for these 
properties, at least two types of crystalline discontinuity in 
the cellulose fiber have been postulated and two additional 
types have been described microscopically. They are: The 
micellar structure, the discontinuous chain structure, the recent 
beadlike membrane structure for cotton, and growth rings for 
both wood and cotton. All are subdivisions of the fibril, which has 
been a recognized microscopic unit of the fiber for some time. 

The Discontinuity of Crystalline Cellulose. 1. The Micellar 
Structure .—The conception of the micelle in plant fibers is a 
relatively old one, first proposed by Nageli. The proponents 
of the micellar theory hold that X-ray and other evidence indicate 
that the fiber material is probably broken up into submicroscopic 
particles approximately 50 by 50 by 500 A in size. 1 It is supposed 
that these micelles are imbedded in an amorphous matrix, 
cellulosic or otherwise, and are oriented with respect to the fiber 
axis. They are, in short, individual crystals of cellulose, which 
move as units during swelling or plastic flow within the fiber. 

2. The Discontinuous Chain Structure. —Sponsler and others 2 
have proposed that these discrete particles or micelles do not 
exist. Rather, the crystalline regularity of the cellulose chains 
may be interrupted by minute warped or bent sections of these 
long chains. There are no breaks to form separate particles, 
but the warped regions are essentially amorphous to X rays 
because the cellulose chains are irregular. This explanation of 
the discontinuity of crystalline cellulose is, say its adherents, 
much more in keeping with the general picture of the mecha¬ 
nism of cell-wall growth and is thus preferable to the micellar 
conception. 

1 Hengstenberg, J., and H. Mark, Z. Kristy 69, 271 (1928). Their 
results are based on calculations with a formula involving width of diffrac¬ 
tion rings—a formula which holds only when certain assumptions are made— 
assumptions which may not hold for cellulose. 

* Sponsler, O. L., Quart. Rev. Biol., 8, 1 (1933); Neale, S. M., Trans. 
Faraday Soc. t 29 , 228 (1933); Astbury, W. T., ibid., 29 , 193 (1933); Pierce, 
F. T., ibid., 29 , 51 (1933). 
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3 . The crystallite or particle structure has recently been described 
in the cotton fiber by Farr and Eckerson. 1 These beadlike 
particles, judging from microscopic evidence, appear to be 
repeated structural units in the fiber. They might be included 
in a broad definition of the term “micelle.” They are not, 
however, the micelles of Mark. It is reported that they are 
giants, many times larger than the submicroscopic micelle 
inferred from X-ray data, about 10,000 by 15,000 A in size 2 
and thus beadlike rather than rod shaped. It has been observed 3 
that the particle is consistent with the X-ray data and that a 
micellar or discontinuous structure is not necessary. 

4. Growth Rings. —When a cotton fiber, grown under normal 
field conditions, is cut transversely and swelled in suitable 
reagents, the microscope reveals concentric growth rings, which 
look much like the annual rings of a tree. These were described 
first by Ball many years ago and have recently been studied in 
detail by Anderson, 4 Kerr, 5 and Bailey. 6 Controlled growing 
conditions indicate that in cotton these rings are composed of 
alternate dense and porous portions resulting from alternating 
slow and rapid growth during the night and day of a 24-hr. 
cycle. When cotton is grown under constant illumination at 
constant temperature, the rings do not appear. These rings are 
reported to be about 0.3 p thick, and it is pointed out that it is 
difficult to conceive of such rings being built of particles over 1.0/x 
in diameter. The “bead” structure and the growth-ring 
structure appear at the moment to be incompatible. The visual 
microscopic evidence seems to be equally convincing for both, 
and further data pertaining to these structures will be extremely 
interesting. 

The Growth of Cellulose Crystallites .—From the botanical 
standpoint, it is of interest to know how long it takes for this 
rather complicated structure to develop in the growing plant 

1 Farr, W. K., and S. H. Eckerson, Contrib. Boyce Thompson Inst. f 6, 
189, 309 (1934). 

2 Farr, W. K., Paper Trade 7., 101, 183 (1935). 

3 Farr, W. K., and W. A. Sisson, Contrib. Boyce Thompson Inst. t 6, 315 
(1934). 

4 Anderson, D. B., American Chemical Society meeting, spring, 1937. 

6 Kerr, T., Protoplasma , 27 , 229 (1937). 

6 Bailey, I. W„ and T. Kerr, J. Arnold Aiboraetum , 16, 273 (1937). 
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fibers, i.e.y how long a time is required for the fibers to become 
structurally mature. 

Apparently, the microscopic beads are present in a 4-day 
cotton ovule, and these begin to string together at 11 days 
(Fig. 59). 1 X-ray studies have shown 2 that, at 14 days, the 
cellulose is crystalline and that 32-day cotton shows definite 
evidence of fiber structure which reaches its maximum degree 
of orientation at 52 days. These data were obtained from 
untreated fibers. More recently it has been shown that purified 
fibers only 5 days old contain crystalline cellulose identical with 
that in mature fibers. 3 Apparently in the early stages of fiber 
development the cellulose pattern is masked by noncellulosic 
material. Anderson has stated that longitudinal growth takes 
place in the cotton fiber for 15 days and then transverse growth 
up to 52 days. 

In radial growth in the trunk of a white fir, crystalline cellulose 
is present in the initial layer of cells of young fibers formed 
in the cambium, but it is randomly oriented. Fibers reach 
maturity in respect to the preferred orientation of their cellulose 
crystallites at the age of about 10 days. 4 Cellulose crystallites 
in terminal growth at the end of branches are randomly oriented, 
as they probably are in the first several rows of radial growth 
near the tip of a branch. This lack of orientation—of structural 
maturity—seems to depend upon the position of the fiber near 
the tip rather than upon its age. There is no perceptible influ¬ 
ence at the tip of a branch which might cause the “laying 
down” of the crystallites in a preferred direction. In the slow- 
growing white fir and maple, the random orientation persists 
back from the tip into the previous year’s growth, a distance of 
perhaps 10 in. In the faster growing Lombardy poplar, preferred 
orientation is also detected about 10 in. from the tip but is 
attained well within the current year’s growth. Orientation 
of the crystallites in fiber walls near the growing tip of a branch 

1 Farr, W. K., and S. H. Eckerson, Contrib. Boyce Thompson Inst ., 6, 
189 (1934). 

* Clark, G. L., W. K. Farr, and L. W. Pickett, Ind. Eng. Chem., 22, 
474 (1930). 

a Sisson, W. A., Contrib. Boyce Thompson Inst., 8, 389 (1937). 

# Ritter, G. J., and C. W. Stillwell, Paper Trade J 98 , 277 (1934). 
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is primarily a function of their distance from tip and pith and is 
not directly dependent upon their age. 

It is said 1 that in cork the cellulosic material never does 
assume a preferred orientation. 

Once formed, crystalline cellulose is reasonably stable. Four¬ 
teen-day-old beech shoots produce the same X-ray diffraction 
pattern as wood from a tree 385 years old; 2 and the cellulose 
in the spruce top of a 1691 Stradivarius is almost as well oriented 
as that in spruce grown this year. 3 

Thus far, we have considered the ultimate building stones of 
cellulose, the glucose residues, and from them have constructed 
the crystalline material of the fiber. Briefly, the fiber wall has 
been described as being built up of glucose residues, linked 
together by strong valence forces through oxygen bridges, into 
long chains which extend, in general, lengthwise of the fiber. 
The individual chain molecule of cellulose is only a few angstrom 
units thick, but may be several hundred glucose residues long. 
Four interpretations of the crystalline discontinuity in the fiber 
have been suggested, but definite acceptance of any one of these 
suggestions must await further evidence. 

All cellulose fibers, regardless of their source, apparently 
have the same fundamental crystalline structure, the same unit 
cell, and the same chain molecules of glucose residues. 4 The 
cellulose fibers differ greatly in the degree of orientation of these 
long-chain crystals in the fiber walls, and these variations 

1 Prins, J. A., Physica , 1, 752 (1934). 

2 Hess, K., M. Ludtke, and H. Rein, Liebigs Ann. Chem., 466, 58 
(1928). 

3 Lark-Horovitz, K., and W. I. Caldwell, Nature , 134, 23 (1934). 

4 Almost alone in his denial of the long-ehain molecule stands Hess [see, 
for example, Hess, K., and C. Trogus, Z. physik. Chem., Bodenstein vol., 
388 (1931)]. He cites as evidence the invariable recurrence of the distance 
5.15 A in natural cellulose and in all cellulose derivatives, which suggests, 
says he, that the glucose residue exists as a separate and distinct unit in the 
structure. Otherwise, the breakdown would not always result in a unit of 
this one particular size. He does not believe that there is an oxygen bridge 
between residues to form a cellobiose unit. While the weight of opinion is 
against this view, as is a preponderance of the evidence, it is hardly safe to 
consider it definitely ruled out. See also Hess, K., and C. Trogus, 
Ergebnisse tech. Pdntgenkunde , 4, 21 (1934); Chem. Zentr., 1935, part I, p. 707; 
C. A., 30 , 5029 (1936). 
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influence in a large degree the properties of fibers of cellulose from 
different plants. 

Ramie and Cotton .—It is interesting to compare the properties 
of these two common cellulose fibers, because they represent 
the two extremes of structure in regard to the orientation of the 
cellulose chains. 

In ramie the cellulose crystallites lie in a very orderly fashion 
almost parallel to the axis of the fiber (see Fig. 57c). Ramie 
(and flax), therefore, have the greatest tensile strength of all 
natural fibers (see Table 121 Chap. XIII). On the other hand, 
these fibers are relatively brittle, do not weave easily, and, when 
woven, form a harsh fabric—witness linen as compared with 
cotton fabric. This variation in properties is characteristic of 
fibers. Perfect alignment makes for great strength and rigidity 
in the fiber direction; and the more perfect the orientation, the 
more brittle the fiber becomes in the transverse direction. 

In cotton the crystallites are not perfectly arranged; they are 
inclined at an angle to the fiber axis, and this spiral angle may 
vary over a range of 30 deg. or more (see Fig. 58). Thus cotton 
has not the tensile strength of ramie, but it is a more resilient 
fiber and weaves into a softer fabric. That there is a rather 
definite correlation between crystallite orientation and the tensile 
strength of raw cotton fibers is shown by the data in Table 112. 1 


Table 112.— Relation of Crystallite Orientation to Tensile 
Strength of Raw Cotton 


Observed Chandler Strength 
10 3 lb. per square inch 
111.9 
105.0 
92.2 
92.0 

84.4 
84.0 
82.7 
80.0 

72.9 

71.9 


Slope of Fibrils as Measured 
by X-ray Diffraction 

24.2 

23.2 

30.5 
34.1 

35.6 

38.5 
37.3 

37.5 

42.6 
43.0 


The more perfect parallel orientation of the building stones in 
ramie results in a denser packing of these crystallites and opposes 
1 Sisson, W. A.: Textile Research , 7, 425 (1937). 
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the penetration of various reagents, whereas the irregularity 
of the crystallites in cotton permits penetration to a greater 
extent. For this reason it is more difficult to mercerize or 
dye flax and ramie than it is to perform the same treatment on 
cotton. Ramie does not swell so readily or so extensively as 
cotton, since swelling is caused by the penetration of water or 
solution between the cellulose chains. 

Cellulose fibers are not elastic. They will stand very little 
stretching before the structure itself gives way, and any further 
stretching is accompanied by internal slipping of the long 
molecules, resulting in a permanent deformation. An attempt 
has been made to relate the maximum extensibility of the fiber 
to the degree of orientation of the crystallites. 1 This is probably 
qualitatively true, for it is well known that the extensibility of 
cotton is greater than that of ramie or flax; the latter are not 
ductile fibers. Astbury 2 points out that an artificial or natural 
silk which shows almost perfect orientation can be extended some 
20 per cent, so that there must be other important factors 
involved. 

The Swelling of Cellulose Fibers. —Inasmuch as wet cellulose 
fibers give essentially the same diffraction pattern as dry ones, 
we know that most of the water adsorbed by a fiber penetrates 
between the crystallites, but does not penetrate into them. 
We have no assurance that part of the water does not penetrate 
a short distance into the crystallites, because the X-ray method 
is not sensitive enough to detect the disruption of a few cellulose 
chains on the surface of the crystallites. When one considers 
the huge total surface of the individual crystallites of a fiber, 
the amount of water which they take up is not at all 
surprising. 

Penetration of foreign molecules depends upon their size and 
their ability to overcome the cohesive forces across the crystal¬ 
lites. Water is one of the most effective penetrating substances 
because the molecules are relatively small and their attraction 
for the forces emanating from the cellulose chains is high. 

1 Preston, J. M., Trans . Faraday Soc ., 29, 65 (1933). 

* Astbury, W. T., discussion of paper by H. Mark, Trans . Faraday /Soc., 
29, 6 (1933); Van Itbrson, G. Jr., discussion of paper by H. Mark, Trans . 
Faraday Soc., 29, 6 (1933). 
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Benzene, on the other hand, is not able to penetrate fibers to 
any extent. 1 

When water enters a fiber, the latter undergoes a marked and 
characteristic swelling. It is a well-known fact that the lateral 
swelling of fibers is much greater than the longitudinal swelling. 
The reason for this is related to the way in which the water goes 



Fig. 65.—Schematic diagram to show the cause of marked transverse swelling 
in fibers. {From W. T. Astbury, “Fundamentals of Fiber Structure /’ Oxford 
University Press, New York, 1933.) 

between the crystallites and is clearly shown in Fig. 65. A 
viscose fiber swells in water about 40 per cent laterally and only 
5 per cent longitudinally. 2 A swollen fiber is much less rigid 
because the water separating the crystallites acts as a lubricant 
and also reduces the cohesive force between the chains. It is 
possible to stretch cellulose when wet and to bring about a more 
1 Wool fibers cannot be swelled in octyl alcohol, but if they are “ pried 
apart ” first with methyl alcohol molecules, the larger octyl alcohol molecules 
will then swell them further. Speakman, J. B., Proc. Roy . Soc . {London), 
A 132, 167 (1931). 

* Hall, A. J., Cellulose , 1, 275 (1930). 
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perfect alignment of the cellulose chains in the direction of 
stretching. The resistance of a cellulose fiber to twisting is also 
less when it is wet, and it is therefore essential that a relatively 
high humidity be maintained during the spinning of textile fibers. 

The swelling of cellulose by water is doubtless of great impor¬ 
tance in the dyeing process. Cellulose fibers will adsorb dyes 
from aqueous solutions but not from organic solutions or from 
suspensions. Hall suggests 1 that it is necessary for the water 
molecules to pry apart the cellulose crystallites before the dye 
can penetrate the fiber. Most organic molecules are too large 
to play the role of the opening wedge in this process. .Hall 
has described an interesting experiment to support this viewpoint: 
Two strips of cellophane are cut, at right angles to each other, 
from the same sheet. Since the cellulose crystallites are oriented 
in the machine direction in a cellophane sheet, in strip 1 the 
crystallites will be lined up lengthwise of the strip, while in No. 2 
they will lie more or less parallel crosswise of the strip. Now, 
when both are immersed in an aqueous solution of a direct dye 
(chlorazol fast helio BK) and weighted, strip 2 takes up more 
dye than does strip No. 1 and also more than an unweighted 
square of the same sheet. This may be explained on the assump¬ 
tion that stretching increases the lateral distances between 
crystallites in No. 2 and decreases these distances in No. 1, thus 
facilitating the penetration of the dye in the former case. 

Although it has been emphasized that, in the case of cellulose, 
most of the water taken up is held between the crystallites, not 
within them, there are cases where adsorbed water may actually 
penetrate between the individual chains in a crystallite. This 
has been detected in wool, in which a slight change in the X-ray 
pattern indicates an actual change in the size of the unit cell, 
caused by the penetration of this water. 2 The swelling of gelatin 
(see page 393) involves considerable penetration of water into 
the crystallites. 

Wood .—The most interesting feature of wood fibers is the great 
variation in structure which they exhibit. A typical wood fiber 
is shown diagrammatically in Fig. 61. The slope of the fibrils 

1 Ibid. 

% Astbury, W. T., “ Fundamentals of Fiber Structure,” p. 163, Oxford 
University Press, New York, 1933. 
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in the primary layer of the fiber walls seems to vary, depending 
upon the conditions of growth. Even though we have scarcely 
made a beginning in the study of this aspect of the structure of 
the wood fiber, the following points of interest may be listed. 

1. The crystallites of cellulose in the fiber wall may lie parallel 
to the fiber axis (Fig. 66a) or at a constant slope to this axis 
and parallel to each other (Fig. 66fc); or they may be less per- 



(«) ( b) 

Fio. 66.-—Diffraction patterns indicating typical orientation of the crystallites 
in wood fibers, (a) Lombardy poplar. Wood nearest the bark on the upper side 
of the branch, about 3 ft. from the growing tip. The crystallites lie almost par¬ 
allel to the fiber axis. (6) Redwood compression wood. The cellulose crystallites 
lie almost parallel to each other at a definite slope to the fiber axis. [From C. W. 
Stillwell , J. Chem. Education , 10, 164 (1934).] 

fectly oriented, deviating usually from the spiral arrangement in 
Fig. 58. 

2. The orientation of the crystallites is influenced by: 

а. Species of wood. 

б. Season of growth. Summerwood is usually more perfectly 
oriented than springwood of the same variety. Whichever 
season favors the formation of denser wood will produce 
fibers in which the crystallites are more perfectly oriented. 1 

c. Position of growth. In compression wood, formed on the 
leaning sides of trunks or the undersides of branches, the 
crystallities are more perfectly oriented. 

1 Pibnkowski, S., Z, Physik , 63, 610 (1930); Schmidt, E., Z. Phyrik, 71, 
696 (1931). 
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In branches of Lombardy poplar, the orientation of crystallites 
in the fibers is influenced markedly by their distance from the 
growing tip and from the pith. 1 A diagram of a typical branch 
is shown in Fig. 67. This is a composite of data obtained from 
five different branches of the same tree. The orientation of 
crystallites described is that in the outer fibers, next to the bark. 
The cellulose crystallites are in random orientation for a foot 
or more from the growing tip; almost perfect parallel orientation 
is found on the top of the branches from this point to a point a 
few inches out from the parent branch or trunk. Next to the 
parent branch there are two kinds of fibers, some with the parallel 
orientation of crystallites, and some with the spiral orientation 
typical of compression wood. On the underside of the branch, 
there is a region of parallel orientation in from the tip, followed 
by an extended region in which the crystallites deviate about 
±20 deg. from the parallel as shown in the small figure in the 
diagram; then, next to the parent branch, there again occur 
fibers in which the crystallites are oriented on a spiral—com¬ 
pression wood fibers. It should be noted that the difference 
between the “upper-’’ and “undersides” of the branches is not 
due primarily to their positions, one above the other, for the same 
variations occur in a branch which grows practically vertically, 
as many poplar branches do. Also of particular interest is the 
observation that the types of orientation at the tip and next to 
the parent branch are independent of the age and the length 
of the branch and are consistent in all the branches which have 
been examined. This follows even in a young branch only 
13 in. long, as shown in Fig. 67c. In this case the inter¬ 
mediate zone is practically eliminated, or overlapped with the 
“joint” zone. The cellulose crystallites are in random orienta¬ 
tion 10 to 12 in. back from the tip, and within 4 in. of the joint 
the orientation is like that in this same region of a large branch. 

There is also a change in orientation of crystallites at varying 
distances between bark and pith, as illustrated in the two 
cross-sectional diagrams in Fig. 68. 

Aside from its interest to botanists, it is important to under¬ 
stand the structure of wood fibers because, as would be expected, 
the mechanical properties of the wood are related to this struc- 

1 Ritter, G. J., and C. W. Stillwell, Paper Trade /., 98, 277 (1934). 
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ture* Woods in which the fibers are built up of crystallites lying 
more or less parallel to the fiber axis are those which split easily, 
have high tensile strength, and undergo little longitudinal 
shrinkage. That the effect is of very practical magnitude is 
shown by the data listed in Table 113. 

When the orientation in the fiber walls is less perfect, the wood 
is tougher but is not so strong and may shrink so badly that it is 
worthless for structural purposes. 

Section 20 inches Section 1 inch 

from growing tip from trunk 

Top Top 




Fig. 68. —Relation of the orientation of crystallites in Lombardy poplar fibers 
to their distance from the pith. = Crystallites parallel to fiber axis. ± 20°, 
crystallites as in Fig. 58c or see Fig. (57. U, unoriented cellulose. 

To make a violin with an even, soft tone, wood in which the 
fibers are not well oriented is usually selected for the back. 
The orientation of the crystallites in wood may influence the 
velocity of sound in different directions, and the mellowness of 
the tone is evidently at its best when the fibers do not have 
marked directional properties. The top of a violin, however, is 
made of very perfectly fibered spruce. 1 

Protein Fibers. Natural Silk. —Silk produces a fiber X-ray 
diagram, which indicates that it is crystalline and that, according 
to our fundamental definition of a fiber, the crystals are more or 
less perfectly aligned in a given direction—the direction of the 
fiber axis. The silk protein (fibroin) forms long-chain molecules 
which build up into some sort of aggregate resembling the 
cellulose crystallites. 

The “link” in the fibroin chain is an a amino acid residue. 
There is a series of a amino acids, important in biological proc¬ 
esses of the proteins, all of which may be represented by the 

1 JLark-Horovit&, K., and W. I. Caldwell, Nature , 134, 23 (1934). 
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Table 113.— Relation between Slope of Fibrils and Longitudinal 

Shrinkage 



Longitudinal 
shrinkage,* % 

Slope of 
fibrils, deg. 

Normal redwood: 



Springwood. 

0.310 

32.8 


0.340 

30.9 


0.289 

31.2 


0.279 

32.9 

Summerwood. 

0.031 

12.0 


0.052 

11.0 


0.031 

12.5 


—0.031 

11.0 

Loblolly pine 




1.259 

40.0 


1.200 

41.0 


1.146 

42.0 


0.903 

39.0 


0.546 

35.0 

. 

0.505 

33.0 


0.595 

32.0 


0.225 

13.0 


0.242 

14.0 


0.225 

13.0 


0.262 

20.0 


* These wood specimens were furnished and the longitudinal shrinkages determined by 
Mr. Koehler of the Forest Products Laboratory. 

H 

general formula NH 2 —C—COOH, in which R stands for a 

i 

univalent radical. Two different a amino acids may combine 
with the elimination of a molecule of water as follows: 


H 

I 


H 

I 


NH,—C—COOH HINH—C—COOH 


1 


R' 


The —CO—NH— is known as the peptide linkage. About 1900, 
Snail Fischer showed that these molecules can combine through 
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the peptide linkage to form very long chains of the general 
type. 


V 


CO 


Cl 

Jr 




R 

I 

CH 


NH 


CO 


R' 

I 

CH 


NH CO 


R" 

A 


n: 

3.5 A 


V W V 'b/ w 


!H 


R' 




A zigzag chain of this sort is to be expected because the valence 
bonds of both carbon and nitrogen are very nearly at the tetra¬ 
hedral angle of 109°28'. The most significant feature to be noted 
is that each amino acid residue, regardless of the nature of R, 
takes up the same distance, 3.5 A, along the main chain. The 
fibroin of natural silk is believed to be made up in large part of 

H 

i 

only two of the simplest amino acids, glycine NH 2 —C—COOH 


and alanine NH 2 —C—COOH. 

i 

ch 3 


The residues of these acids 


form the chain 


NH CO CH 

^ 'nhm X Co 


CH, CH, 

1 NH CO (llH NH CO 

^ 'chT \h^ \h 


-3.5 A- 


-7.0 A- 


The single acid residue takes up the usual distance 3.5 A in the 
chain. It may be seen that the “ repeat ” distance along the chain 
is 7.0 A, just the length of two residues. 

Knowledge of the crystalline structure of silk has come about 
through a correlation of chemical and X-ray information. Tak¬ 
ing into account the approximate radii of the atoms involved, and 
assuming the zigzag structure with tetrahedral angles, the 3.5 
and 7.0 A distances along the chains may be computed. Turning 
to the X-ray pattern of fibroin, we obtain an independent 
check of these distances which points to the essential validity 
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of the assumed structure, relatively parallel chains of long 
fibroin molecules. Astbury has made a striking comparison 
which gives some idea of the size of a fibroin molecule. “If 
a globe of the earth, 10 inches in diameter, were expanded to 
the actual size of the earth, 8,000 miles in diameter, the molecules 
of silk would appear as ropes some 10 feet long and 1 inch thick.” 1 
The typical protein fiber molecule is thus some 120 times as long 
as it is wide, resembling the cellulose chain in this respect. In 
general, we shall find that protein crystallites are not so sharply 
defined as those in cellulose—possibly because the side chains, 
the R groups, vary in size and prevent the perfect parallel 
orientation of the main chains. 

As with cellulose fibers, the degree of orientation of the 
crystallites influences greatly the strength of the fiber. By the 
simple expedient of precipitating natural silkworm secretion in a 
suitable medium and then stroking it repeatedly in the same 
direction between two fingers, the orientation of the crystallites 
may be improved and the tensile strength raised from 10 to 30 kg. 
per square millimeter. 2 

Silk also resembles the cellulose fibers in that it can be stretched 
only slightly before a permanent deformation is produced. 
Again, after thf> first small elongation, any further strain produces 
internal slippage of the chain molecules. 

Wool , Hair .—Apparently all animal hairs are built of the same 
a keratin. The same X-ray pattern is produced by human hair, 
wool, and porcupine quills; by fingernails,'whalebone, and cow’s 
horn. This structure among protein fibers from whatever source 
seems to be about as constant as that of cellulose from various 
sources. Silk is an important exception. The identity period 
along the fiber axis of wool is 5.1 A as compared with the 7.0 A 
of silk. As is often the case when an exception to a generalization 
arises, the effort to explain the difference in identity period has 
actually brought out a very significant structural relationship 
between the silk and wool fibers. 

Wool differs fundamentally from cellulose and silk in that 
stretching causes a transition from one crystal form (a keratin) 

1 Astbury, W. T., “Fundamentals of Fiber Structure,” Oxford University 
Press, New York, 1933. 

2 Von Weimarn, P. P., Trans. Faraday Soc 29, 13 (1933). 
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to another (0 keratin). Stretching cellulose or silk merely brings 
about a more perfect alignment of the crystallites without chang¬ 
ing their structure. 

The marked elasticity of wool has, of course, been known for 
some time. Only recently, however, has its elasticity been shown 
to be related to the positions of the chains of long keratin mole¬ 
cules, the fundamental fiber structure. The structural analysis 
of the wool fiber, and the remarkable correlation of this molecular 
structure with the unique physical properties of the fiber are due 
mainly to the efforts of Astbury and his coworkers, 1 and represent 
a most interesting application of the X-ray method of crystal 
analysis in the hands of individuals with keen insight and 
constructive imagination. Although the discussion in the follow¬ 
ing pages may be couched in terms which imply that the struc¬ 
tures of protein fibers have been firmly established, the reader 
must keep in mind throughout that this picture of the protein 
fiber has not been unequivocally proved by X-ray studies. It 
is, at best a picture which is consistent with the known facts, 
both the physical properties of wool and the somewhat frag¬ 
mentary X-ray diffraction data which are available, but is not 
proved by these facts. 

Some people have a weakness for reading the last chapter of a 
mystery story first. Let us start at the end of the story of the 
structure of wool. In a word, the side chains, the amino acid 
residues, jutting out from the main long-chain keratin molecules, 
appear to hold the key to the situation. They account, appar¬ 
ently, for the peculiar properties of wool, properties which are of 
the utmost importance in all practical handling of these fibers. 

It will be recalled that silk fibroin is composed essentially of 
the two simplest amino acids, glycine and alanine, the side chains 
of which are, respectively, H and CH 3 ; both rather inconse¬ 
quential as side chains, to say the least. In the case of silk, 
then, these side chains can exert little opposition to the natural 
tendency of the long, main chains to line up parallel to each other 
and, as has been observed, in natural silk the chains are relatively 
well oriented, parallel to the fiber axis. In wool the side chains 

1 See, for example, Astbury, W. T., “The Fundamentals of Fiber Struc¬ 
ture/’ Oxford University Press, New York, 1933. Astbury, W. T., and 
H. J. Woods, Trans. Roy. Soc. (London), A 232, 333 (1933), and others. 
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become an important factor. By the hydrolysis of keratin, it 
has been found that the residues of glutamic acid, arginine, and 
cystine are present. That the side chains are larger and more 
complex in wool than in silk is also suggested by the distances 
between the main chains—in silk, 4.5-6.1 A; in keratin, 9.8 A. 1 
Cystine is a double amino acid and can actually act as a cross 
link between two neighboring chains. Astbury has likened these 
side chains to the rungs of a ladder, the main chains being the 
sides. Thus 


Main chain 
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Main chain 
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I 

ch 2 
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/ 
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Some of the side chains in wool are apt to be polar, so that the 
ends will be positive or negative. There may be introduced, there¬ 
fore, forces which tend to overcome the natural urge of the main 
chains to lie parallel to each other. These forces are set up by 
the natural attraction or repulsion of the several varieties of 
side chains. As a result, the main chain is unable to lie extended 
but is crimped, curled, or contracted. This is the form of a 
keratin, the substance of wool as we ordinarily find it. The 
X-ray diffraction evidence indicates that the identity period 
along the fiber axis in wool is 5.1 A, as compared with 7.0 A in 
silk fibroin. The side chains, on the basis of their interaction 
and consequent influence upon the extension of the main chains, 
may be placed in one of four groups which, including the two 
already mentioned, are as follows: 

1 Kratky, O., and 8. Kuriyama, Z. physik. Chem ., B 11, 363 (1931). 
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1. Cystine—complete cross rungs. 

2. Salt-forming bridges, ionic linkages, as in gelatin, 1 myosin, 
and muscle. 2 

3. Ethers. 

4. Inactive. 

Wool can be stretched to about twice its original length 
if the stretching is carried out slowly, under hot water. It 



NN — 
\ 


Fig. 69.—Diagram showing the relation of folded protein molecule in 
unstretched hair (left) to the same molecule extended in stretched hair (right). 

(From Astbury, “Fundamentals of Fiber Structureby permission of the Oxford 
University Press, New York.) 

is believed that this stretching process actually stretches the 
main chains of the a keratin, pulling them out into the elongated, 
roughly parallel positions which they occupy in silk. The X-ray 
pattern of stretched wool, or /3 keratin, shows an identity period 
of 7.0 A, exactly that of silk fibroin. Furthermore, the elongation 
of an individual protein chain, measured from the X-ray diffrac¬ 
tion patterns of a and keratin, is just 100 per cent, exactly 
the same as the elongation of the wool fiber, measured with a 

1 Hess, K., and C. Trogus, Biochem. Z ., 262, 131 (1933); Astbury, W. T., 
and W. R. Atkin, Nature, 132, 348 (1933). 

* Boehm, G., KoUoidrZ ., 61, 269 (1932). In soluble proteins, like oval¬ 
bumin, the side chains are said to be unattached. Miller, W. S., K. G. 
Chbsley, H. V. Anderson, and £. R. Theis, J. Am. Leather Chem . Assoc., 
27, 174 (1932). 
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yardstick. These relations are shown graphically in Fig. 69. 
The identity period, or the distance along the chains between 
“repeats” in the sequence of structural units, is 7.0 A, but the 
actual elongation is from 5.1 A in the a keratin to 10.2 A in the 
extended $ keratin. 

Wool will stretch only when wet under tension, and it will 
stretch to its 100 per cent limit only when steamed or soaked in 
water above 90°C. The action of water is not difficult to 
visualize. It penetrates between the chains in such a manner 
as to weaken the mutual interaction of the side chains—the rungs 
of the keratin ladder—so that their resistance can be overcome 
by the applied tension and the main chains pulled out to their 
extended positions. 

What happens when the chains are pulled out? Will they stay 
there, and if so, how long? The answers to these questions have, 
of course, always been of the utmost importance in the textile 
industry, and it is of considerable interest to speculate upon the 
relation of these properties to the fundamental molecular arrange¬ 
ment in the fibers. It must be emphasized that the following 
discussion, like much of that which has gone before, is nothing 
more than a logical interpretation of rather fragmentary experi¬ 
mental data. The data available are far from adequate to defi¬ 
nitely prove the validity of this interpretation. 

^Wool normally occurs in the contracted, or a keratin, form. 
This is the stable form. Wool can change form most easily 
in the presence of water: in fact, water is essential to permit 
complete reversibility of the equilibrium 

Contracted a keratin Extended P keratin 

Some of the characteristic stretching and shrinking properties 
of wool which are of particular interest are the following: 1 

1. Dry wool may be stretched only about 20 per cent; at normal 
humidities wool may be stretched 20 to 40 per cent; and in 
saturated water vapor, at ordinary temperatures, slow stretching 
will produce an elongation of 70 per cent. This relation of 
stretch to humidity is taken advantage of in spinning operations, 
which are carried out at relatively high humidities to prevent 

1 Abtbtjry, W. T., “The Fundamentals of Fiber Structure,” Oxford 
University Press, New York, 1933. 
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breaking. At high humidities and elevated temperatures, the 
stretch can be as much as 100 per cent. The first 2 per cent is 
reversible and is in accordance with Hooke’s law. Further 
stretching begins the transformation of a into 0 keratin and 
involves a fundamental change in the fiber structure. At 100 
per cent extension, the transformation is complete. It may well 
be, perhaps, as suggested by Astbury, that different parts of 
the keratin chains cannot be extended with equal ease because 
of the different strengths of bonds between the side-chain rungs 
of the ladder. 

2. Stretched wool (0 keratin) will shrink to its original length 
(change entirely to a keratin) if maintained at 100 per cent 
relative humidity. It shows practically no tendency to shrink 
if dried under tension and then maintained in the bone-dry 
condition after the tension is removed. At intermediate humidi¬ 
ties the contraction will be proportional. According to our 
picture of the wool fiber “ladder” structure, the higher the 
humidity, the more water can penetrate the fiber to reduce the 
mutual attraction of the side chains, which tends to restrict 
the contraction of the main chains. 

3. This permanent elongation, which can be imparted to wool 
by stretching and drying under tension, will be lost the first time 
the wool gets wet. 

4. A stretched wool fiber tends to relax, or lose its state of 
tension, if left moist; and accompanying this evidence of a more 
permanent structural change, there is a slowing down of the rate 
of contraction to the original length, after tension is removed. 
This interesting property permits a kind of annealing process 
during spinning operations. The stresses within a fiber under 
tension can be reduced simply by allowing it to stand in a 
damp place between operations. 

5. If a wool fiber is stretched 50 per cent in cold water and then 
placed in steam for only 2 min., it will, when the tension is 
removed, contract to a length about one-third shorter than its original 
length. Now, if a fiber is stretched 50 per cent, held under tension 
in steam for 20 min., and then released from the tension, it will 
return only to its original length. If it is stretched 50 per cent 
and steamed 2 hr. under tension, it will, when the tension is 
released, return only part way to its original length. If, at any 
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time during the steaming operations, the fiber is removed from 
the steam before the tension is released, it will remain extended 
without the aid of tension. It is possible to picture a very 
interesting series of events within the wool fiber. The 2-min. 
steaming is evidently enough to loosen the side-chain links and 
leave the main chains in an unrestricted “free” state. The 
chains are then able to coil up even more than they were origi¬ 
nally, since their original positions were related to the influence 
of the side chains. Apparently the loosening action of steam is 
followed by the formation of new linkages—a realignment of 
forces—which produces a permanent set and restricts the 
contraction of the main chains. The maximum permanent 
set extension which can be obtained is about 35 per cent. 
X-ray evidence shows that this permanent set is actually the 
result of the failure of p keratin to revert to the contracted a 
keratin. 

We have attributed the more familiar stretching and shrinking 
of wool to the weakening of the mutual attractive and repulsive 
forces of the side-chain amino acid residues forming the rungs 
of the ladder of which the main chains, lengthwise of the fiber, 
are the sides. Thase forces are probably largely the result of 
salt linkages, since it is believed that the end units of many 
of the side chains are acidic or basic ions and they are known to 
be present in approximately equal proportions. How may the 
contraction of a keratin chain to less than its original length be 
explained? The X-ray evidence shows that during the change 
a keratin to P keratin the rungs of the ladder are of constant 
length and keep the sides the same distance apart. It is well 
within the realm of possibility, however, that certain drastic 
treatments would break apart rungs not loosened by the ordinary 
means and permit a realignment of forces which might cause 
the main chains to buckle toward each other in the plane of the 
rungs, as well as in the planes perpendicular to the rungs, thus 
producing an even greater shortening of these chains. There 
are X-ray data which suggest that this mechanism is quite 
probable. 

It may seem a far cry from the a keratin p keratin trans¬ 
formation to the permanent wave of human hair, but an explana¬ 
tion of the permanent wave is apparent in the above discussion. 
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When a hair is bent, and wet at ordinary temperatures, the outer 
arc is stretched more than the inner, is converted partly into 
0 keratin and, when dried, will remain in this form until it is 
moistened again. This is the secret of the finger wave. If 
the bending is accompanied by the use of steam or mild alkalies, 
then the “set” can, as we have seen, be made more or less 
permanent. 

Feather keratin differs from the keratin of mammalian hairs 
in that it has an identity period of 3.08 A along the fiber axis, 
instead of 3.5 A. This identity period can be extended to about 
3.3 A without any fundamental change in the fiber structure. 
Astbury has observed that tortoise shell keratin is the same as 
feather keratin and has suggested that this may indicate a close 
relationship between birds and reptiles. 1 

Collagen and Gelatin .—The structure of collagen has engaged 
the interests of a great many investigators. The protein in 
this fiber is similar to that in a keratin, and a recent critical 
study 2 reveals that the true identity period of the fiber is 9.75 A, 
a multiple of 3.25 A, which may be assumed to be the length of 
an amino acid residue (as compared with 3.5 A in silk). Very 
long spacings in the direction of the fiber axis have been measured 
in collagen 3 (about 432 A) and also in tendon. 4 Although the 
full meaning of these spacings is not clear, their existence is 
significant, for they indicate that in tendon the long parallel 
polypeptide chains are not bound together by irregularly spaced 
chains. The spacings along the fiber axis as well as in the 
transverse directions must be regular. The tendon may be built 
of crystallites regularly arranged, each crystallite being, in effect, 
a single large molecule. 5 

Incidental to the study of collagen fibers, a lateral spacing of 
48 A was found which has not been reported for tendon. This 
appears to be peculiar to the collagen of the intestinal wall and 

1 Astbury, W. T., Ann. Repts. (London), 28, 322 (1931). 

2 Clark, G. L., and J. A. Schaad, Radiology, 27, 339 (1936). 

3 Clark, G. L., E. A. Parker, J. A. Schaad, and W. J. Warren, J. Am. 
Chem. Soc., 57, 1509 (1935). 

4 Wyckoff, R. W. G., R. B. Corey, and J. Biscoe, Science , 82, 2120 
(1935). 

6 Corey, R. B., and R. W. G. Wyckoff, J. Biol. Chem 114, 407 (1936); 
Clark, G. L., and J. A. Sohaab, Radiology , 27, 851 (1936). 
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is thought to be produced by a thin film of highly oriented wax 
molecules on the surface of the individual collagen fibers. 1 

When collagen fibers take up water at room temperature and 
consequently swell, the characteristic long spacing (432 A) is 
not disturbed. If, however, the water is taken up at 70°C., the 
fiber contracts suddenly and the X-ray pattern indicates that 
although the large structural units are present, they are in 
random orientation as they are in gelatin. By swelling again 
and drying under tension, almost perfect fibering is regained, 
but the 432 A spacing is absent. This long spacing is apparently 
characteristic of the natural fiber only and may account for the 
great strength of collagen as compared with gelatin. Swelling 
with alkalies destroys the long spacing and results in a substantial 
loss of tensile strength. Chrome tanning shortens the long spac¬ 
ing to about 408 A but exerts no other apparent effect on the 
structure of collagen. 

Gelatin, being the hydrolysis product of collagen, is usually 
considered to be made up of particles of partially degraded 
collagen. Apropos of this viewpoint, a recent study of the 
molecular-weight distribution of gelatin is of considerable interest. 
This is an outcome of the development of a theory for the deter¬ 
mination of average molecular weights of mixtures using the 
ultracentrifuge. 2 The results obtained are given in Table 114. 
Their specific value as quantitative information must be qualified. 


Table 114. —Equivalent Molecular-weight Distribution of Gelatin 


Molecular Weight 

Percentage by W 

Less than 5,000 

13 

5,000 to 10,000 

17 

10,000 to 20,000 

23 

20,000 to 30,000 

13 

30,000 to 50,000 

14 

50,000 to 100,000 

12 

100,000 to 200,000 

6 

200,000 to 500,000 

2 


Gelatin films can be stretched some 300 per cent, 3 and this 
results in a more perfect alignment of the long-chain molecules, 
1 Clark, G. L., and J. A. Schaad, Radiology , 27, 352 (1936). 

‘Lansing, W. D., and E. O. Kraemer, J. Am. Chem. Soc. t 67, 1369 
(1935). 

’Bergmann, M., and B.. Jacobi, Kolloid-Z., 49, 46 (1929). 
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accompanied by a large increase in the tensile*strength of the film, 
as shown by the following figures: 

Gelatin, unstretched. 4.4 kg. per square millimeter 

Gelatin, stretched 300 per cent. 9.3 kg. per square millimeter 

The swelling of gelatin and of collagen presents an interesting 
contrast to that of cellulose. In the latter the taking up of water 
does not alter the distance between chains in the crystallites— 
practically all the water is adsorbed between the crystallites, 
in the disorganized, noncrystalline part of the fiber. When 
gelatin or collagen swells, the water does go between the chains 
in the crystallites, forcing them apart, so that the greater the 
water content of the gel, the larger is the distance between 
protein chains, as shown in Table 115. 


Table 115.—Variation in Lattice Spacing with Swelling of Gelatin 


Water content, per cent.. . 

Dry 

m | 

50 

> 

100 

200 

Lattice spacing, A. 

11.1 

■fl 

14.0 

15.7 

16.2 


This swelling behavior of gelatin is very similar to that of 
graphitic acid. When graphite is swelled in sulfuric or nitric 
acid, it takes up oxygen, turns brown, and loses its metallic 
properties. This oxygen forces the carbon layers in the graphite 
crystals apart from 3.4 to 6.15 A. Then, when this graphitic 
acid is washed with water, the distance between layers of carbon 
atoms expands further, more or less proportionally to the amount 
of water taken up, until when 80 per cent of water has been 
adsorbed, the distance between layers is 11.3 A. Prolonged 
drying removes water and the distance between the carbon 
atom layers is reduced to 6.4 A. No amount of drying will bring 
the layers to their original distance, 6.15 A. 1 

It has been observed that fibrous collagen (tendon) is some¬ 
what analogous to rubber in regard to its stretching behavior. 
Tensile strength data on stretched and unstretched tendon are 
given in Table 116. 

* Hofmann, U., and A. Frbnzel, Ber. } 63, 1248 (1930). 
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Tablb 116.— Tensile Strength op Tendon* 
(Kilogram per square millimeter) 

Tendon, swine:. 11.0 

Heated and shrunk at 80°C., with loss of fibering.... 3.0 

Stretched again to original length. 10.6 

*Bbroman, M., and B. Jacobi, Kollaid - Z ., 49, 46 (1929). 


The X-ray evidence of fibering may be checked in a convincing 
manner by freezing. The stretched tendon, frozen, cleaves 
along the fiber axis; the shrunk tendon breaks into lumps. 

Muscle .—In a muscle at rest, the molecules are contracted and 
are in random orientation. The relaxed muscle does not have a 
fibrous structure in the sense in which we are using that term. 
When the muscle is stretched, however, the large protein mole¬ 
cules are extended and oriented in the direction of stretching and 
a true fiber results. As with wool, this change is reversible. 
When the tension is released, the molecules fall back into random 
orientation. 

An interesting relation exists between these three protein 
fibers—silk, wool, and muscle. There is only one form of 
crystalline silk, unaltered by stretching. There are two forms of 
wool and the stretched form, 0 keratin, is analogous to silk (see 
Fig. 69). Strange as it may seem, the structure of unstretched 
wool closely resembles that of stretched muscle. The normal 
contraction of stretched muscle suggests that it should be possible 
to contract unstretched wool and, as mentioned above, this can 
be done. 

Rubber.—In unstretched rubber the long molecular chains 
are folded in some way, possibly as coiled spirals. 

Although this general picture of the structure of unstretched 
rubber has been held for some time, only recently has it been 
validated, in part, by a Fourier analysis. 1 The intensity data 
show that each carbon atom has two nearest carbon neighbors 
at approximately 1.52 A (the aliphatic C-C link is 1.54 A) and 
3.4 neighbors at 2.68 A. These results may be satisfied without 
assuming coiled chains, although they do not preclude such 
chains. The distance to the nearest carbon in a neighboring 
chain is shown to be about 5 A, which is a fairly definite distance 
of closest approach common to molecules of many organic liquids, 


tSiMARD, G. L., and B. E. Warren, /. Am. Chem . Soc 58, 507 (1936). 
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but nothing further can be deduced regarding the relationship 
of neighboring chains. A schematic picture of the long-chain 
molecules in amorphous rubber, compatible with the X-ray 
intensity data, is shown in Fig. 70. 

When rubber is stretched, the long-chain molecules of C&H 8 
“links” are extended and line up in the direction of stretching. 
When the tension is released, the fiber structure is lost. The 
change is reversible under ordinary conditions. In rubber, 
there are no side chains, as in keratin, to maintain a regular 
arrangement during contraction. This may account for the loss 
of the fiber structure when ten¬ 
sion is released. 

Why is a rubber band elastic, 
whereas the elasticity of a cotton 
thread is negligible to the ordi¬ 
nary observer? We may find at 
least one reasonable clue to this 

difference in the preceding dis- . Fl °* 7 1 °-"7 A schematic representa- 

tion of the long-chain molecule in un- 
CUSSion. I hose SU bstances stretched rubber. [From Simard and 

(wool, muscle, rubber) in which ^^ n j’ J ' Am ' Chem ' Soc '' 68, 509 
the fibering process—the exten¬ 
sion and orientation of the long molecules—is reversible are the 
fibers which appear to be, from the practical standpoint, the 
elastic fibers. Under very drastic treatment, freezing for 
example, a rubber band can be given a more or less permanent 
set, i.e.y the (CgHg),* chains will not curl up again when the ten¬ 
sion is released. Rubber which has been set in this way is found 
to have lost all of its elasticity. It is no more like the original 
rubber in this respect than is a cotton string. It has the 
attributes of a true fiber. Transverse swelling is much more 
marked than longitudinal; it can be readily split in the fiber 
direction. 1 

Mack 2 has proposed an interesting theory of the elasticity of 
rubber. There appear to be only two reasonable and possible 
sources of the force required to pull extended rubber molecules 
back to the unstretched positions when tension is released. 

1 Hock, L., Gummi-Ztg., 39, 1740 (1925). 

* Mack, Edward, Jr., J. Am. Chem. Soc., 56, 2757 (1934). 
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These are (1) residual valences of the double bonds 1 and (2) 
van der Waals’ forces between hydrogen atoms on the surface of the 
molecules. Mack suggests that the available evidence favors 
the latter. Thus, in extending a group of rubber molecules 
the van der AYaals’ attraction due to hydrogen atom contacts 
must be overcome. The process is essentially that of evaporation 
of hydrogen atoms from a virtually liquid surface. Further¬ 
more, as this extension occurs, the theory proposes that rotation 
takes place around certain double bonds and that potential energy 
of bond rotation is acquired by the system. Then, when the 
tension is released, the molecule simply returns to the lower 
energy form, the folded or coiled molecule. Mack has discussed 
many of the familiar mechanical and thermal properties of 
rubber and related substances in the light of this theory. 

The relative ease with which the orientation of cellulose, 
protein, and rubber fibers may be affected is of interest. To 
alter the orientation in cellulose fibers rather vigorous chemical 
treatment is necessary until the forces between the crystallites 
have been weakened. Only after that has been accomplished 
can tension be successfully applied to increase the orientation 
of these crystallites in the direction of the tension. They are 
literally “pulled into line.” As has been mentioned, the crystal¬ 
lites in natural silk may be coaxed into a more perfect alignment 
by repeated gentle stroking of the fiber suspended in a suitable 
medium. These two are not elastic; the change is not reversible 
in the usual sense. Wool, next in order, may be altered simply 
by the application of tension when the fiber is wet. Muscle 
or rubber molecules, as we have seen, may be fibered under 
tension without any preliminary treatment of the fiber. 

1 Fikenscher, H., and H. Mark, Kautschuk , 6, 2 (1930); Rubber Chem. 
Tech ., 3 , 201 (1930). 
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SYNTHETIC FIBERS 

A synthetic fiber, in the broad sense, is any solid in which 
a preferred orientation of the structural units has been induced 
by mechanical means. 

The Drawing and Rolling of Metals.—The most perfect 
example of a synthetic fiber is a properly drawn wire. In an 
annealed casting, the individual crystals are in random orienta¬ 
tion. When the metal is cold-drawn into a fine wire by repeated 
passages through a series of dies, the planes upon which slip 
occurs most readily tend to become oriented parallel to the wire 
axis. These are the planes most thickly populated with atoms. 
In the body-centered cubic crystals they are the 110 planes, the 
face diagonals; in the face-centered cubic metals they are the body 
diagonals, the 111 planes. 1 An interesting fact about hard- 
(cold-) drawn wires is that the orientation of the crystals is much 
more perfect at the center than toward the surface. At the center 
of the wire the flow of metal is predominantly in the direction of 
drawing. Near the surface, however, there is pressure toward 
the center of the wire (since its diameter is being reduced) added 
to tension in the direction of drawing, and, under these two 
conflicting influences, there is confusion and the crystals cannot 
line up in a regular fashion. At the outer surface of a hard- 
drawn wire, therefore, there is practically no evidence of preferred 
orientation of the crystal grains. 

The crystals in a metal may be oriented in a different way 
by rolling, bending, or any other fabricating process in which 
the metal is caused to flow in a preferred direction. The degree 
and type of orientation produced by rolling depend in great 

1 Owen, E. A., and G. D. Preston, Proc. Phys. Soc. (London), 38, 122 
(1926). Note that the mechanism of orientation in metals differs from that 
in animal and plant fibers, in which it depends upon the existence of long- 
chain molecules. 
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measure upon the number of times the sheet is rolled. Investiga¬ 
tion has shown that the first effect of the rolls is to break up the 
crystal grains in the metal sheet. After several passes of an 
ordinary low-carbon steel, the crystals begin to assume a preferred 
orientation—the sheet becomes fibered. These two stages in 
the change during rolling are indicated in the X-ray diffraction 
patterns in Fig. 71. 

The orientation of the crystals in these man-made fibers has, 
as in natural fibers, a profound effect upon their properties. This 
may readily be seen from typical tensile strength data shown 



(a) (b) (c) 

Fio. 71.—Diffraction patterns showing filtering of sheet steel, as produced by 
cold roiling, (a) Annealed sheet before rolling. (7>) Intermediate stage. Up 
to this point the rolling has produced only fragmentation of the grains. (c) 
Final rolled sheet. The crystal grains have been strongly oriented by the rolling 
process. (Courtesy of G. L. Clark.) 


in Table 117. These are average values for cold-drawn steel 
and for aluminum, rolled and drawn. 

It is evident that any treatment which tends to improve 
the orientation of the crystals in the metal will increase the tensile 
strength; indeed, the strength of steel wire is more than double 
that of the original rod from which it was drawn. Not all the 
added strength results from the orientation of the crystals, how¬ 
ever. The fragmentation and distortion of grains which occur 
during any cold working of the metal also contribute to the 
strength. 

The same cold working which produces an increase in the 
tensile strength also increases the brittleness of a metal. This 
may not decrease the usefulness of a wire, but is a serious handi¬ 
cap in the use of rolled sheets. Most sheet steel, for example, 
is fabricated into various shapes, such as automobile fenders, 
and must be pliable enough to bend without breaking. The 
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annealing of rolled sheets is therefore a vital part of the process. 
When a sheet is heated to the right temperature, the mobility 
of the crystals is increased, and they depart from their orderly 
arrangement and tend to reassume the random positions which 
they occupied before rolling. The temperature and time of 
annealing will determine the degree to which this rearrangement 
occurs and will, in turn, control the properties of the finished 
sheet. A properly annealed sheet is pliable and may be fabri- 


Table 117.—The Effect of Cold Drawing, Rolling, and Annealing on 
the Properties of Mild Carbon Steel and Aluminum 



Reduc¬ 
tion, per 
cent 

Tensile 
strength, 
lb. per 
sq. in. 

Elon¬ 
gation, 
per cent 

0.1 per cent carbon steel—drawn 




Green rod. 


68,000 

25 

First draft. 

35 

93,000 

3 

Third draft. 

70 

130,000 

2 

Fifth draft. 

85 

145,000 

1.5 

Annealed after fifth draft. 


62,000 

26 

Aluminum: 




Cast. 


11,000 


Cold drawn to 1 ^ 6 in . 


19,500 


Cold drawn to X Y\§ in., annealed. 


16,600 


Rolled H in. sheets. 


18,700 


Rolled in. sheets, annealed. 


13,200 


Rolled Ho in. sheets. 


20,500 


Rolled Ho hi. sheets, annealed. 


13,100 



cated successfully. The data for the “ green rod ” and “ annealed 
after fifth draft” in Table 117 show clearly the effect of annealing 
on the properties of the wire. 

One might suspect that if a wire were drawn hot, or a sheet 
rolled when hot, the crystals would never get a chance to “settle 
down” in an oriented position. As a matter of fact, this is 
exactly what happens. The properties of steel are not altered 
to the same extent by hot rolling, nor is there the same X-ray 
evidence that the crystals have become oriented. Metal 
fibers, then, are produced by cold working. 
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The change in structure brought about by heat treatment of 
cold-worked metals is not to be confused with the so-called 
“tempering” of steel. In the latter case the alteration of 
properties is due to a different sort of structural change within 
the steel. 

Fibered Ionic Crystals. —It has recently been possible to build, 
by drawing, crystalline fibers of certain ionic substances. Silver 
chloride is said to become oriented along the 111 planes, silver 
bromide along the 100 planes. Thallous chloride and thallous 
bromide, wire-drawn at 100°C. and 2,000 .atm., show no fiber 
structure, but when greater pressures are applied, the fibrous 
structure appears. These fibered ionic crystals are like other 
fibers in that they show a higher tensile strength along the fiber 
axis than do unoriented crystals. 1 

Fibered Synthetic Resins.—The synthesis of fibers from linear 
polyesters, by Carothers and coworkers, throws considerable 
light on the mechanism of fiber formation. In general, it has 
been observed that polymers, many times longer than wide or 
thick, are crystalline. These include polymers with simple side 
chains, or none at all—like cellulose, silk fibroin, the polyesters 
of certain dibasic acids and glycols. As the length and com¬ 
plexity of the side chains increase, as in wool, feather keratin, 
tendon, vinyl polymers, 2 and others, the crystallinity is less 
marked. Essentially nonlinear addition polymers—bakelite and 
the glyptals—are amorphous. 3 It is understood that the term 
“crystalline” as used here may imply merely a parallel orienta¬ 
tion of the long axes of the molecules. 

The dependence of fiber formation upon the length of the chain 
molecules has been demonstrated in striking fashion. 4 

‘Levi, G. R., and M. Tabet, Atti accad. Lincei , 18, 574 (1933); 19, 723 
(1934). 

1 Johnson, English patent, 419,826 (1933), notes that threads of poly¬ 
merized vinyl compounds are improved as regards mechanical properties by 
stretching them while in a plastic state at elevated temperature and allowing 
them to cool while stretched. Polymerized aryl olefines have also been 
fibered under tension. English patent, 419,900 (1933). 

3 Carothers, W. H., Chem. Rev., 8, 415 (1931). 

4 Carothers, W. H., and J. W. Hill, J. Am. Chem. Soc., 64, 1559, 1566, 
1579 (1932); Carothers, W. H., and F. J. Van Natta, J. Am . Chem. Soc., 
65, 4717 (1933). 
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A polyester derived from dibasic acids of the series HOOC- 
(CH 2 )*COOH and glycols of the series HO(CH 2 ) y OH 1 shows 
no signs of colloidal behavior or of fibering if its molecular weight 
is below 5,000. It dissolves readily in chloroform to form a 
mobile solution; it melts sharply and solidifies to a hard, or waxy 
opaque mass. The same polymer with a molecular weight from 
10,000 to 20,000 is harder and tougher, dissolves slowly, after 
swelling, to form a very viscous colloidal suspension. It has 
little tendency to flow, after melting, unless raised to a relatively 
high temperature. Both the low and the high weight polymers 
are crystalline. 

Fibering of the high molecular weight polymers has been 
successfully induced by three methods: 

1. A rod dipped into the molten mass and drawn out produces 
parallel orientation of the molecules to form a true fiber. 

2. A solution of the polyester may be extruded from a rayon 
spinneret in the form of a fine thread. If the thread is dried 
under tension, it is transparent, strong, and resilient and shows 
evidence of the orientation of the long-chain molecules in the 
direction of tension. If the thread is allowed to dry without 
tension, it appears opaque, is weak and brittle, and has no 
directional properties. It is not a fiber in the structural sense. 

3. A nonfibrous thread, formed by extrusion without tension, 
may be cold-drawn by applying tension in the lengthwise direc¬ 
tion. As it is permanently extended several-fold, the opaque 
thread becomes transparent and lustrous, and it assumes all 
of the structural characteristics of the true fiber. Its strength 
in the direction of drawing increases about sixfold, comparing 
favorably (16 to 24 kg. per square millimeter) with the strength 
of cotton (28 kg. per square millimeter) and that of silk (35 kg. 
per square millimeter). 

Table 118 shows the influence of the molecular weight, and thus 
the length of the molecule, of the polyester upon its fibering 
properties. 

In short, these long-chain molecules, as they crystallize, 
behave exactly like logs floating in a millpond. If the logs are 
long, small groups of parallel logs tend to form; the shorter the 
logs, the less apparent is this tendency. The flow of long-chain 

1 Cabothbrs, W. H., and J. W. Hill, J. Am. Chem . Soc ., 54, 1559 (1932). 
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molecules through the spinneret orifice is like the flow of logs 
down a river. As they pass through a narrow, swiftly moving 
section of the stream, logs, long in proportion to their diameters, 
will line up with their lengths parallel to the direction of flow. 
If the logs are short, only slightly longer than they are thick, 
this orientation will not be so prevalent. 


Table 118.— Polyesters from oj-Hydroxydecanoic Acid 


Molec¬ 

ular 

weight 

Calc. 

length, 

A 

M.P., 

°C. 

Spinnability 

j Tensile 
strength, 
j kg. per 
sq. mm 

780 

60 

66-67 

Absent 


1720 

123 

72-74 

Absent 


3190 

188 

74-75 

Absent 


4170 

313 

74-76 

Absent 


5670 

440 

73-75 

Very short fibers, no cold drawing 


7330 

570 

74-75 

Long fibers, but cold drawing absent 

Very weak 

9330 

730 

75-76 

Long fibers which cold draw 

Very weak 

16900 

1320 

77-78 

Easily spins and cold draws 

13.1 

20700 

1610 

77-78 

Spins with difficulty, but easily 
draws 

12.3 

25200 

1970 

75-80 

Spins above 210°C. and cold draws 

7.0 


Ordinarily a fiber built of long structural units in random, 
brush-heap orientation, is pliable; while an improvement in 
orientation ( e.g the change, cotton to ramie) increases rigidity. 
On the contrary, Carothers and Hill report that a thread made by 
forcing a polyester through a spinneret consists of unoriented 
crystallites and is brittle; and after orientation of these crystal¬ 
lites by cold drawing, the pliability of the thread is increased. 1 

This behavior of the polyester fiber may be explained on the 
assumption that the crystallites in these fibers are relatively 
short. An analysis of the two types of structure on this basis 
makes the differences in properties quite apparent. A brush 
heap of long, interlocked units is, by reason of its structure, 
characteristically pliable. Paper is such a substance. A 
thread or sheet made of short crystals in random orientation, 
however, is brittle because there is no reinforcement by inters 
1 Carothers, W. H., and J. W. Hill, J. Am. Chem. Soc. t 64, 1679 (1932). 
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locking of the crystals. Films formed from most resins are 
unsatisfactory because they are either tacky or brittle. They 
cannot be made flexible without becoming sticky. Flexibility 
must be imparted to such films by lowering the softening point, 
because the long-chain molecules are not sufficiently long to 
form an interlocking system. A sheet of high grade gelatin is 
pliable and not easily broken, but a film formed from gelatin 
which has been broken down by hydrolysis (i.e., the molecules 
shortened) is relatively brittle. Paper is wiry, but a dry sheet 
of cellophane is extremely brittle. Gloor 1 has recently observed 
that cellulose nitrate films are brittle if made from low viscosity 
nitrocotton of a calculated chain length of 158 A or less, but are 
pliable when the chain length of the nitrocotton exceeds 200 A. 

Now, when crystallites are forced into parallel orientation by 
cold drawing, long crystallites, rigid in themselves, overlap and 
interlock to such an extent that the fiber as a whole is rigid. On 
the other hand, shorter crystallites, although they may be rigid 
individually and are in an essentially parallel alignment, do 
not overlap sufficiently to form a rigid fiber. They may, how¬ 
ever, overlap and interlock enough to eliminate some of the 
brittleness of the unoriented crystals and permit a modicum of 
pliability. 

In these synthetic polyester fibers, then, it appears that a 
group of parallel fibers, long-chain molecules, form a crystallite; 
and that the fiber is built of these crystallites which, judging 
from the mechanical properties of the fiber formed, are not so 
long in proportion to their width as are cellulose and similar 
fibers. 

Garothers and Hill found that the polyesters were too soluble 
in certain solvents and too easily melted to be of practical value 
as industrial fibers. The polyamids, on the other hand, are so 
insoluble and infusible that they cannot be readily converted to a 

1 Gloor, W. E., Ind. Eng. Chem., 27, 1162 (1935). Gloor’s comparison 
of the minimum molecular length for pliable films with the minimum length 
suitable for fiber spinning (as found by Garothers and Hill) is somewhat 
misleading. The question of fibering is not involved to any great extent in 
the matter of brittle or pliable films of nitrocotton. The strength of the 
film is largely dependent upon the degree of interlocking of the structural 
units in a brush-heap arrangement and therefore upon the length of these 
units. 
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form suitable for spinning. They therefore compromised these 
by preparing a polyester-polyamid which proved to have inter¬ 
mediate and highly practical properties. 1 The nature of the long 
chains of these synthetic fibers, as compared with those of the 
most perfect natural fibers, may be shown as follows: 


Cellulose. . 


O 


O 


o 


o 


NH-R-CO-NH-RrCO-NH-It- 


Silk. 

Polyester, 
from di¬ 
basic 
acid and 

glycol... -O-R-O-CO-Ri-CO-O-R-O-CO-RrCO- 
Polyester- 

polyamid -O-R-CO-NH-Rx-CO-NH-Ri-CO-O-R-CO 


That these polyesters do form typical fibers, comparable 
in general structure to the natural fibers, is shown in a striking 
manner by the diffraction patterns in Fig. 72, taken by Fuller. 2 
The series of materials represented by these patterns exhibits 
some interesting fibrous properties. When two simple polyesters 
are melted and stirred together, the product is termed a mixed 
polyester and, when cold-drawn, produces the pattern of Fig. 
72c. According to Fuller’s measurements, this consists of the 
superimposed patterns of the two simple polyesters. 3 When 
two different dicarboxylic acids are condensed with the same 
glycol, or two glycols with the same acid, a product is obtained 
comparable to a mixed polyester in composition but with the 
different units chemically combined. This has been termed a 
copolyester, and its pattern is shown in Fig. 72 d. When it 
contains only ethylene ester units, as does the one shown, only 
the pattern of one of the simple polyester parents appears. 
Cold drawing of a simple polyester or of the copolyester produces 
a single homogeneous fiber which fractures cleanly. A fiber 
drawn from a mixed polyester, on the other hand, is apt to fray 
at the ends when it breaks, and a microscopic examination reveals 


1 Carothers, W. H., and J. W. Hill, J. Am. Chem. Soc ., 54, 1566 (1932). 

* Fuller, C. S., in press; see also, Fuller, C. S., and C. L. Erickson, 
J. Am. Chem. Soc., 59, 344 (1937). 

* This does not hold for all of the mixed polyesters which were examined. 
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a bundle of fine fibers, formed apparently because the two 
polyesters are incompatible and one is dispersed as globules 
in the other. These are evidently drawn out into fibrous form, 
the continuous phase acting as a cementing material. A more 



c d 

Fig. 72.—Diffraction patterns of synthetic polyester fibers, (a) Polyethylene 
Succinate. (6) Polyethylene sebacate. (e) Mixture of a and b . ( d ) Sebacic 
and succinic acids with ethylene glycol. ( Courtesy of C. S. Fuller.) 


detailed comparison of the mechanical properties of fibers of 
mixed polyesters and copolyesters should prove very interesting. 

Fibers of simple polyesters have considerable tensile strength 
and a fairly high elastic recovery, 1 resembling ramie in their 
stress-strain characteristics. Freshly prepared copolyesters, on 

1 Carothers, W. H., and J. W. Hill, J. Am. Chem. Soc ., 64, 1568 (1932). 
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the contrary, behave in general like natural rubber, although 
the tensile strength is lower. As these polyesters age, their 
elastic properties change to resemble those of gutta-percha 
and balata. This change probably results from a slow crystalli¬ 
zation. Although the X-ray pattern of a stretched copolyester 
indicates some improvement in orientation, it is not sufficient 
to account for the marked elasticity of the fiber, and Puller 
suggests, therefore, that the appreciable amount of amorphous 
material present must be responsible for the elasticity. 

Recent crystallographic studies of the polymerization of the 
polyoxymethylenes have suggested a possible mechanism of 
chain formation. 1 Trioxymethylene crystallizes in the hexagonal 
system. 


ch 2 

0 

ch 2 

/ \ 

/ \ 

/ \ 

O 0 

h 2 c ch 2 

1 1 

O 0 

1 1 

h 2 c ch 2 

1 1 

O 0 

1 1 

h 2 c ch 2 

\ / 

\ / 

\ / 

0 

ch 2 

0 

When exposed to light in the presence of free formaldehyde, nuclei 
are formed, and starting from them, fibrous polyoxymethylene, 

ch 2 

0 

ch 2 

/ \ 

/ \ 

/ \ 

—O 0 — 

-h 2 o ch 2 - 

—0 0— 

—h 2 c ch 2 - 

O 0 

-h 2 c ch 2 — 

\ / 

\ / 

. \ / 

0 

ch 2 

0 


appears as a result of an interchange of covalent bonds, made 
possible by the apposition of appropriate molecules by crystal 
forces. As suggested by Bernal and Crowfoot, 2 this shift 
in covalent bonds is nature's adaptation of the “zipper" principle 
and the mechanism may be quite common in fiber formation. 

Fibered Bacterial Cellulose. —The fibering tendencies of 
bacterial cellulose membranes 3 may be conveniently studied 

1 Kohlschutter, H. W., and L. Sprenger, Z. physik. Chem., B 16, 284 
(1932); Sauter, E., Z. physik. Chem., B 18, 417 (1932); B 21, 161 (1933); 
Z. Krist., 83, 340 (1932). 

* Bernal, J. D., and D. Crowfoot, Ann. Repts. {London), 30, 425 (1933). 

3 Barsha, A. J., and H. Hibbert, Can. J. Research, 10, 170 (1934), and 
earlier papers in the same journal. 
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because the cellulose need not be treated with a swelling agent 
to tender it plastic. It has been found that when this membrane 
is extended in one direction the long chain or b axes line up 
parallel to this direction; whereas if the membrane is constricted 
in one direction, the 101 planes are oriented normal to that 
direction. These 101 planes apparently function in a manner 
analogous to the glide planes in metals. 'But the mechanism 
appears to be one of crystallite flow, rather than plane slip, and 
it is therefore largely dependent upon the shape of the crystal¬ 
lites. 1 Attraction of polar groups may also influence the type of 
orientation. 

Mercerized Cotton.—If a wad of cotton is soaked in a solution 
of caustic soda (14 to 28 per cent by weight) and then thoroughly 
rinsed, it looks about as it did before the treatment. It has 
added reactivity, however, and possibly added strength, as was 
discovered nearly a century ago by Mercer. 2 On the other hand, 
if this treatment is carried out with the cotton fibers under 
tension, the fibers assume a lustrous sheen characteristic of 
mercerized cotton. It was a simple thing, this application of 
tension to the fibers, 3 but its discovery was of the most far-reach¬ 
ing importance to textile manufacturers. 

The caustic soda treatment causes a change in the crystalline 
cellulose. There is a difference of opinion as to whether the 
NaOH actually combines with cellulose, forming a sodium 
cellulosate 4 or an addition compound CeHioOs-XNAOH, 5 or 
whether it is simply adsorbed 6 by the cellulose fibers. The 
evidence, pro and con, has been sifted by Bancroft and Calkin. 7 

1 Sisson, W. A., J. Phys. Chem., 40, 355 (1936). The details given in this 
paper and another soon to be published on the orientation of cellulose in 
regenerated films are extremely interesting and of the utmost importance. 

1 Mercer, English patent, 13,296 (1850). 

3 Thomas and Prevost, English patent, 20,714 (1896). 

* Neale, S. M., J. Textile Inst., 20, 373T (1929). 

6 Meyer, K. H., and H. Mark, “Der Aufbau der hochpolymeren organ- 
ischen Naturstoffe,” Hirschwaldsche Buchhandlung, Leipzig, 1930. Vie- 
wbg, W., Z . angew. Chem., 37, 1008 (1924). 

3 Coward, H. F., and L. Spencer, J. Textile Inst., 14, 32T (1923); 
Leighton, A., J. Phys. Chem., 20, 32 (1916). 

7 Bancroft, W. D., and J. B. Calkin, Textile Research, 4,119,159 (1934); 
J. Phys. Chem., 39, 1 (1935). 
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A number of different diffraction patterns, all differing from 
that of native cellulose, have been described for the products 
formed by the treatment of cellulose with caustic soda. In 
general these patterns have been indistinct and difficult to 
interpret. Hpwever, Hess and Trogus 1 have obtained very 
sharp diffraction patterns for three different soda celluloses, 
formed under different conditions of treatment of cellulose by 
sodium hydroxide. 

As a result of the correlation of X-ray data with adsorption 
equilibrium data, Calkin 2 has proposed that the treatment of 
cellulose with caustic results in the formation of an addition 
compound, perhaps CeHioCb^NaOH, which is adsorbed on the 
native cellulose although this is only one possible interpretation 
of his data. 

It is obviously necessary to draw rather fine distinctions 
if one is to take a position on this question. No compound of 
cellulose and sodium hydroxide, either a salt or an addition 
compound, has even been defined by analysis. The X-ray data, 
which are the strongest evidence of compound formation, might 
be the result of some type of preferential adsorption. Perhaps 
sodium hydroxide molecules may be adsorbed unequally by, or 
penetrate unequally into, the cellulose lattice, prying the long 
chains apart more in one direction than in others and forcing a 
rearrangement. Of course, the term “preferential adsorption” 
raises the question as to where adsorption ceases and compound 
formation begins. It has been pointed out-in a preceding chapter 
that, on the basis of bonding forces, it is difficult to draw a line 
between compound formation and adsorption. We know that 
many organic molecules have relatively active polar groups 
which might adsorb preferentially; just as adsorption can take 
place more readily on certain faces of crystals than on others 
because of the presence of residual electrical forces of the same 
nature as those which cause compound formation. It is a fair 
assumption that the attractive forces within the cellulose-soda 
complex are neither the van der Waals' forces generally associated 
with adsorption, nor the pure covalent bonds characteristic of the 
typical organic molecule, but are an average of these two. 

1 Hess, K., and C. Trogus, Z. physik. Chem. y B 11, 381 (1930). 

1 Calkin, J. B., J. Phys. Chem. t 40, 27 (1936). 
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To return to mercerized cotton, when the caustic soda i 3 
washed out, pure cellulose remains, but it has a different crystal 
structure from that of the original, native cellulose. 1 Pretreated 
or mercerized cellulose may be considered as an allotropic form 
of cellulose, and, strange as it may seem, it is probably the stable 
form. This is indicated by the fact that whenever the native 
cellulose structure is loosened by any reagent which alters the 
structure and the reagent washed out the cellulose crystallizes in 
the regenerated rather than the native form. 2 Why the native 
cellulose should be a metastable form is not known, but the 
situation is not unique in nature. The oyster builds the pearly 
part of its shell of aragonite, although the outer part is calcite. 
In the pearly part, organic matter is preferentially adsorbed by 
the growing CaC0 3 crystals in such a way that the formation of 
calcite is inhibited, but the formation of metastable aragonite is 
favored. 3 It is entirely possible that the same situation may 
accompany the growth of cellulose. 

The desirable properties of mercerized cellulose are due 
partially to the fibering—the orientation of the cellulose crystal¬ 
lites, produced by tension, in the direction of the fiber axis. To 
this orientation may be due the characteristic luster, for, without 
the application of tension during the process, a lustrous surface 
is not formed. 4 

The X-ray diffraction patterns show definitely the effect of 
tension upon the orientation of the crystallites in a mercerized 
fiber. 6 The long chains may be as nearly parallel as they are 

1 Sponsler, O. L., J. Am. Chem. Soc., 50, 1947 (1928); Meyer, K. H., 
and H. Mark, “Der Aufbau der hochpolymeren organischen Naturstoffe,” 
Hirschwaldsche Buchhandlung, Leipzig, 1930. 

2 Meyer, K. H., and N. P. Badeniiuizen, Nature , 140, 281 (1937), have 
recently reported the conversion of viscose into native cellulose, as evidenced 
by the X-ray diagrams, by treating it first with boiling formamide and then 
with glycerin. 

a Saylor, C. H., J . Phys. Chem., 32, 1441 (1928). 

4 Clibbens, D. A., J. Textile Inst., 14, 217T (1923), has suggested that the 
luster has something to do with the cuticle, which may be partly removed. 
His results are somewhat contradictory, however. It has also been sug¬ 
gested [Harrison, J. Soc. Dyers Colourists, 31, 198 (1915)] that the smooth¬ 
ness of a mercerized surface influences luster. See also, Barratt, T., J. Soc. 
Chem . Ind., 43, 593B (1924). 

6 See, for example, Clark, G. L., Ind. Eng. Chem., 22, 474 (1930). 
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in ramie. It has also been shown that the refractive index of a 
cellulose fiber is a measure of the degree of orientation of the 
crystallites with respect to the fiber axis 1 and may be used as a 
qualitative test for the degree of mercerization. The following 
data, from Preston, are interesting: 

Angle of Slope of Crystallites 


to Fiber Axis 

Native flax. 0° approx. 

Flax, mercerized, tension. 0° 

Flax, mercerized, no tension. 34° 

Native cotton. 30-35° approx. 

Cotton, mercerized, tension. 20.5° 

Cotton, mercerized, no tension. 35.6° 


Evidently, the mercerization of cotton, under tension, improves 
greatly upon the orientation in the native cotton, and the 
properties of the mercerized product bear this out. 

Mercerized cotton takes up dyes more readily than does 
native cotton, as illustrated by the data in Table 119. This 
new arrangement of the cellulose chains appears to be easier 
for reagents to get at. 

Table 119.—Adsorption of Benzopurpurin by Cotton* 

Dye Absorbed, 
Per Cent 


Unmercerized. 1.53 

Mercerized, tension. 2.90 

Mercerized, no tension. 3.39 


* Knbcht, E., J. Soc. Dyers Colourists, 24, 68 (1908) i 24, 107 (1908). 

Cotton pretreated 2 with ZnCl 2 takes up more NaOH than does 
native cotton, and cotton mercerized under tension with ZnCl 2 
takes up less NaOH than the pretreated, 3 probably because 
tension contracts the transverse spaces between the crystallites. 

The greater the concentration of caustic soda present, the 
smaller is the effect of tension upon the orientation of cellulose 
crystallites during mercerization. That tension does orient the 
crystallites is shown, further, by the fact that mercerized cotton 
takes up less of water, caustic soda, and other reagents than 

1 Preston, J. M., Trans . Faraday Soc., 29, 65 (1933). 

2 Mercerized without tension. 

2 Neale, S. M., J. Textile Inst., 22, 320T (1931). 
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does pretreated, cotton. 1 Furthermore, it has been shown 
that the extensibility of pretreated cotton is considerably greater 
than that of the same cotton mercerized, 2 implying that the 
orientation of the crystallites is more perfect in mercerized cotton 
than in pretreated, before the extension occurs. 

The foregoing discussion of mercerization and mercerized 
cotton has been, of necessity, rather fragmentary. Because our 
interest is primarily in fiber structure, the discussion has been 
limited to the selection, more or less at random, of data which 
will leave little doubt of the very practical importance of vari¬ 
ations in this fiber structure: variations which, because they 
concern the arrangement of atoms and molecules, invisible even 
to the microscope, might otherwise be put aside by the practical 
man as facts of only academic interest. 

Regenerated Cellulose. —Cellulose may be completely dis¬ 
persed by caustic soda in carbon bisulfide. The crystalline 
structure is broken down and the cellulose goes into colloidal 
solution. In the familiar viscose process, the alkaline dispersion 
is spun through a spinneret into an acid bath and a fiber is thus 
precipitated continuously. This product is known as regenerated 
cellulose. It has the characteristic diffraction pattern of mercer¬ 
ized cotton. Mechanically, the process resembles that of the 
silkworm spinning his thread. 

The first rayon fibers were not of the highest quality; they 
lacked tensile strength and disintegrated too easily when washed. 
We are now sufficiently well versed in the structure and properties 
of fibers to predict that both of these defects may be minimized 
if the orientation of the cellulose crystallites in the fiber can be 
improved. It should be possible to improve the orientation 
by the application of tension to the fiber at some stage in the 
process after its formation, but before it dries and before the 
crystallites become set. By the ingenious expedient of drying 
rayon threads under tension, the tensile strength of the com¬ 
mercial product has actually been increased several-fold (see 
Table 121) and rayon has become a much more useful product. 3 

1 Urquhart, A. R., J. Textile Inst 17, 557 (1927). 

2 Barratt, T., J. Textile Inst. f 13, 17T (1922). 

3 Of course, many factors other than spinning under tension have con¬ 
tributed to the development of rayon to its present quality. 
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The process is somewhat analogous to the cold drawing of wire 
in so far as it results in better orientation of the crystals. Here 
the analogy ceases; the possibility of strengthening the fiber 
depends upon the presence of building units much longer than 
they are broad or thick. 

An alkaline solution of cellulose may be precipitated in sheets 
instead of threads. Cellophane is formed in this manner. If 
these are dried under tension, directional properties indicating an 
orientation or fiberihg of the crystallites will be found. A strip 
cut in the cross-machine direction, for example, shows a load 
versus elongation curve characteristic of a ductile fiber; while 
a strip cut in the machine direction shows a curve indicating lack 
of ductility. 1 Ductility is to be expected in fibers in which the 
crystallites are poorly oriented. Moreover, stretching and 
drying Cellophane under tension increase the tensile strength 
in the direction of stretch by several hundred per cent. 2 

The directional strains set up by orientation of the crystallites 
during the casting of sheets of regenerated cellulose are of con¬ 
siderable practical importance, as anyone who prints this material 
can testify. Influenced by the moisture in the atmosphere as 
well as by the application of ink, such sheets tend to curl in a very 
unpredictable way. 

The properties of acetate rayon may be influenced in a very 
practical manner by the tension under which the threads are spun; 
tensile strength, dyeing properties, and luster are particularly 
sensitive to tension. The properties of rayon threads already 
formed may be affected by stretching after softening with hot 
water, steam, or some organic swelling agent. This procedure 
is particularly useful to restore the luster of delustered rayon, 
and exerts a remarkable effect on crease resistance. Stretching 
increases the creasing of rayon. 3 The effect might be antici¬ 
pated, because the more perfect orientation of the fibers induced 
by stretching should result in more brittle, less resilient fibers. 

It is of interest to note that cellulose is not thermoplastic, 
apparently because the cohesive forces between chains are too 
strong to be broken down at temperatures lower than the 

1 Mark, H. f Trans. Faraday Soc. $ 29, 6 (1933). 

2 Mark, H., Melliands 1 Textilber ., 10, 695 (1929). 

3 Hall, A. J., Am. Dyestuff Reptr., 25, 533 (1936). 
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decomposition temperature. Cellulose is made plastic in the 
usual sense by swelling agents, so that water and caustic soda 
are to cellulose or wool what heat is to rubber and other truly 
thermoplastic substances. 

Many cellulose derivatives are thermoplastic in the usual 
sense, whereas cellulose itself is not. In the former, the intro¬ 
duction of relatively large radicals in place of hydroxyl groups 
reduces the cohesive forces between chains to the point where they 
can be influenced appreciably by moderate heat. This is true of 
the trinitrate, the triacetate, the butyrate, and the laurate. 
Furthermore, they soften at a lower temperature, the larger the 
esterifying group added. Additional evidence of the weakening 
effect of these large radicals is to be found in tensile strength 
measurements. That of cellulose acetate is 9 to 12 kg. per square 
millimeter, and its elongation is 15 to 25 per cent; while the 
tensile strength of cellulose stearate is only 0.5 kg. per square 
millimeter, and its elongation as high as 140 per cent. It is 
essentially plastic at room temperature. 

Sheppard has found 1 that sheets of cellulose acetate are aniso¬ 
tropic (indicating an orientation of crystallites) if dried under 
tension or if an isotropic sheet is swelled and then stretched to 
dry. If a sheet is evaporated on solid supports, without tension, 
there is a uniaxial orientation of the crystallites; if evaporation 
is on liquid mercury, there is no evidence of orientation. The 
same cellulose acetate may be made to form either a brittle or 
flexible film on drying, depending upon the solvent used. Pre¬ 
ferred orientation of the crystallites may well be involved. 

Artificial Fibering of Proteins. —The familiar procedure, drying 
under tension, has recently been employed with some success to 
improve the quality of catgut sutures. 2 As one would predict, 
drying under tension causes a much more perfect alignment of 
the long molecules in the direction of the fiber axis. The effect 
of this improved fibering upon tensile strength is suggested in 
Table 120. 

That this more perfect orientation of the chain molecules is 
apt to affect the adsorption characteristics of the ligature and its 

1 Sheppard, S. E., Trans. Faraday Soc ., 29, 77 (1933). 

2 Clark, G. L., R. K. Flege, and P. F. Ziegler, Ind. Eng . Chem ., 26, 
440 (1934). 



414 


CRYSTAL CHEMISTRY 


reactivity toward reagents in general goes without saying. This 
is an important feature as it is related to contact with the body 
fluids. It has been shown, for example, that the protein fibers, 
listed in the order of their ability to take up and hold increasing 
amounts of water are: silk, horsehair, wool, collagen, muscle, 
gelatin . 1 The relative positions are just the same when they 

Table 120.— Effect of Tension Drying on Strength of Finished 

Catgut 


Run 

Drying 

tension, 

kg. 

Tensile 
strength, 
kg. per 
square 
centimeter 

1 

2.27 

18.5 


2.27 

20.2 


0 

16.6 

8 

2.27 

19.2 


0 

16.4 

9 

3.18 

16.4 


0 

15.2 

10 

4.54 

18.5 


0 

14.8 


4.54 

18.7 


4.54 

21.6 


* From Clabk, G. L., R. K. Fleoe, and P. F. Ziegleb, Ind. Eng. Chem., 16,440 (1034). 

are listed in the order of decreasing orientation of the long 
protein chains. Silk forms the most perfect fiber, whereas 
gelatin shows evidence of fibering only when stretched. 

Gelatin or glue rendered insoluble by treatment with form¬ 
aldehyde may well be the result of fibering. Whenever a 
protein is treated with formaldehyde, the diffraction patterns 
show a very strong interference corresponding to a distance 
between parallel protein chains . 2 This may be the result of 
the more perfect parallel alignment of a greater number of protein 

1 Lloyd, D. J., Trans. Faraday Soe ., 29, 132, 564 (1933). 

* Clark, G. L., and J. H. Schenk, Radiology, 28, 357 (1937). 
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chains, and thus the formation of very large particles which are 
difficult to disperse. Proteins insoluble in water are not readily 
attacked by formaldehyde until they have been swelled. This is 
true of zein, a prolamine, and of hair, feathers, and tendon. 
Because all of the proteins examined, except silk, show similar 
diffraction effects when treated with formaldehyde, it is suggested 
that the reaction of formaldehyde on proteins takes place at the 
amide nitrogen. At any rate it appears to be very closely con¬ 
nected with the fundamental structure of the molecule. 

Summary.—In general, a fiber is any crystalline aggregate in 
which the crystals show a preferred orientation, the direction of 
orientation being that of the fiber axis. This structural concep¬ 
tion includes minerals and metals as well as the animal and 
plant products commonly called fibers. 

Animal and plant fibers are built of long molecular chains, 
the links of which are held together by primary valences. Where 
these chains lie parallel to each other, according to a fixed plan, 
a crystalline form of matter exists. In cellulose at least, a large 
proportion of the fiber is composed of crystalline material, 
the nature of which has been described. In protein and other 
fibers the crystals are not always so well formed. 

The crystallites in a fiber may be oriented so that the primary 
valence chains are roughly parallel to the fiber axis, or inclined 
at an angle to this axis. 

Fibers may consist of extended molecular chains ( e.g ., cellulose, 
natural silk, stretched rubber, stretched wool) or possibly of 
folded molecular chains (e.g., unstretched rubber, unstretched 
wool). The elastic fibers appear to be those in which the 
extension of the molecular chains is reversible (e.g., wool, rubber, 
muscle). 

The fibrous form of matter is very important in our under¬ 
standing of solids because preferred orientation of the crystalline 
groups gives directional properties to such solids. Among the 
most significant of these properties are (1) tensile strength in 
the direction of the fiber axis, (2) brittleness or resiliency at right 
angles to this axis, and (3) the resistance offered by the fibers 
to the penetration of reagents. The changes which may be 
produced in the strength of fibers are not merely of theoretical 
interest. They are of sufficient magnitude to be of practical 
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significance. In Table 121 are listed comparative tensile 
strengths of some of the substances which have been discussed 
in the preceding pages. 

Table 121. —Tensile Strengths of Some Common Fibers 


(Kilograms per square millimeter) 

Steel. 50-160* 

Copper. 20- 50* 

Flax. 60-110* 

Ramie. 70- 80* 

Cotton. 28- 44* 

Silk, natural fiber. 35- 44* 

Silk, natural secretion, in mass. 101 

Silk, natural secretion, mechanically oriented. . .. 30f 

* Rayon, ordinary. 18- 201 

Rayon, well oriented. 60J 

Rubber, ordinary. 15- 20 J 

Rubber, well oriented. 60 J 

Gelatin, unstretched. 4.4§ 

Gelatin, stretched. 9.3§ 

Tendon, swine, natural. 11 § 

Tendon, heated and orientation destroyed. 3§ 

Same tendon, stretched to original length. 10.6§ 

Synthetic fiber from polyester. 16- 241| 

* Mark, H., Trans. Faraday Soc., 29, 6 (1933). 
t von Weimakn, P. P. t Trans. Faraday Soc., 29, 13 (1933). 
t Clark, G. L., Ind. Eng. Chem., 22, 474 (1930). 

5 Bkrgmann, M., and B. Jacobi, Kolloid-Z., 49, 46 (1929). 

|| Carothers, W. H., Chem. Rev., 8, 416 (1931). 


One cannot fail to be impressed by the similarity in behavior 
of all fibers, which emphasizes the relation between their structure 
and properties. It is so striking that one may with reasonable 
certainty predict the general properties of any fiber. The tensile 
strength of natural silk is increased by stroking it, when in a 
plastic condition, with the fingers; the tensile strength of steel 
wire is increased by drawing it through a die. The longitudinal 
shrinkage of wood is least when the fibrils lie parallel to the fiber 
axis; the elasticity of rubber is negligible when the long-chain 
molecules are “set” parallel to the direction of stretching; 
elongation of steel wire is least when the crystal grains are most 
regularly oriented parallel to the axis of the wire—and so it goes. 
The same sort of treatment produces the same crystal orientation, 
and this in turn imparts the same directional properties to the 
fiber, whether it be animal, vegetable, or mineral —fashioned by 
nature or by man. 
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Table 122.—Atomic and Ionic Radii 


Atom 

No. 

Element 

Atomic radii 

1 

Ion 

Ionic radii, C.N.6 

2 

3 

4 


1 

H 

See p. 57 

H-, H + 


See p. 57 


2 

He 







3 

Li 

1.50 

Li + 

0.68 

0.60 

0.78 


4 

Be 

1.112 

Be ++ • 

0.39 

0.31 

0.34 


5 

B 


B 43 

0.24 

0.20 






B-Of 




1.35(B0 3 )t 

6 

C 

0.77 

C + * 

0. 19 

0.15 

0.20 





CN- 




1.95 




c-o 




1.31(00,) 5 

7 

N 

0.53 



0.11 

1 

o 





NIIC 



1.43 

1.50* 




N-0 




1.23(NOa)t 

8 

O 


O' 

1.40 

1.40 

1.32 





OH 




1.33* 

9 

F 

0.68 

F 

1.33 

1.36 

1.33 


10 

Ne 

1.60 






11 

Na 

1.86 

Na + 

0.98 

0.95 

0.98 


12 

Mg 

1.595 


0.71 

0.65 

0.78 


13 

A1 

1.48 

Al +;) 

0.55 

0.50 

0.57 


14 

Si 

1. 172 

Si*-* 

0.44 

0.41 

0.39 





Si 4 


2.71 

1.98 





Si-0 




1.63** 

15 

P(black) 

1.08 

P + 5 

0.34 

0.34 

0.3-4 





P-0 




1.56** 




P 3 


2. 12 



16 

S(rhombic) 

1.06 

S 4 * 


0.29 

0.34 





S“* 

1.85 

1.84 

1.74 





s-o 




1.49** 

17 

Cl 

0.97 

Cl +7 


0.26 






Cl 

1.81 

1.81 

1.81 





Cl-O 




1.45** 

18 

A 

1.91 






19 

K 

2.27 

K 4 

1.33 

1.33 

1.33 


20 

Ca 

1.97 

Ca ++ 

0.98 

0.99 

1.06 


21 

Sc 


Sc + 3 

0.78 

0.81 

0.83 


22 

Ti 

1.45 

Ti + 4- 




0.76* 




Ti 4 * 




0.70* 




Ti+4 

0.62 

0.68 

0.64 


23 

V 

1.313 

y+s 




0,75* 




V+4 


0.59ft 

0.61 

0.57* 




V+6 


0.59 

0.4 


24 

Cr 

al.246 

Cr + > 



0.65 

0.70* 



01 .35 

Cr +# 


0.52 

0.34-4 




71.22 






25 

Mn 

al.24 

Mn t+ 


0.80tt 

0.91 




ftl. 26 

Mn+* 


0.50ft 

0.52 




71.29 

Mn +T 


0.46 



26 

Fe 

al.238 

Fe ++ 


0.75ft 

0.83 




/SI. 26 

Fe +3 



0.67 


27 

Co 

1.25 

Co ++ 


0.72ft 

0.82 





Co +3 




0.65* 


417 
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Table 122.—Atomic and Ionic Radii.— (Continued) 


Atom 

No. 

Element 

Atomic radii 

1 

Ion 

Ionic radii, C.N.6 

2 

3 

4 


28 

Ni 

1.243 

Ni ++ 


0.69ft 

0.78 


29 

Cu 

1.275 

Cu + 


0.96 


0.58* approx. 

30 

Zn 

1.329 

Zn+ + 


0.74 

0.83 


31 

Ga 

1.22 

Ga +3 


0.62 

0.62 


32 

Ge 

1.22 

Ge +4 


0.53 

0.44 





Ge -4 


2.72 



33 

As 

1.25 

As +S 




0.69* 




As +5 


0.47 






As~ 3 


2.22 






As-0 




2.01(AsO*) t 

34 

Se 

1.16 

Se+» 


0.42 

0.3-4 





Se'* 

1.96 

1.98 

1.91 


35 

Br 

1.13 

Br + « 


0.39 






Br" 

1.96 

1.95 

1.96 





Br-0 




1.68(BrO.)t 

36 

Kr 

2.0 






37 

Rb 

2.43 

Rb + 

1.48 

1.48 

1.49 


38 

Sr 

2.14 

Sr + v 

1.15 

1.13 

1.27 


39 

Y 

1.79 

Y +3 

0.93 

0 93 

1.06 


40 

Zr 

1.58 

Zr f4 

0.79 

0.80 

0.87 


41 

Cb 

1.426 

Cb+ 4 


0.67ft 

0.69 





Cb +5 


0.70 



42 

Mo 

1.36 

Mo +4 


0.66ft 

0.68 





Mo" 


0.62 



43 

Ma 







44 

Ru 

1.322 

Ru +4 


0.63ft 1 

0.65 

0.60* 

45 

Rh 

1.342 

Rh +3 



0.69 

0.75* 




Rh +4 




0.65* 

46 

Pd 

1.372 

Pd + + 




0.50* 

47 

Ag 

1.441 

Ag + 


1.26 

1.13 

0.97* 

48 

Cd 

1.486 

Cd ++ 


0.97 

1.03 


49 

In 

1.62 

In +3 


0.81 

0.92 


50 

Sn 

1.40 gray 

Sn ++ 




1.02?* 



1.508 white 

Sn + 4 


0.71 

0.74 

0.65* 




Sn ~ 4 


2.94 



51 

Sb 

1.439 

Sb +3 




0.90?* 




Sb 44 


0.62 






Sb' 3 


2.45 






Sb-0 




2.22(SbOa)t 

62 

Te 

1.44 

Te^ 4 


0.81ft 

0.89 

0.84 




Te + * 


0.56 






Te— 

2.18 

2.21 

2.11 


53 

I 

1.35 

1 + 6 



0.94 





V* 


0.50 






I- 

2.19 

2.16 

2.20 


54 

X 

2.2 






56 

Cs 

2.62 

Cs + 

1.67 

1.69 

1.65 


56 

Ba 

2.17 

Ba ++ 

1.31 

1.35 

1.43 


67 

La 

1.86 

La +3 

1.06 

1.15 

1.22 


58 

Ce 

1.81 

Ce + * 



1.18 





Ce +4 

0.89 

1.01 

1.02 


69 

aPr 

1.82 

p r +« 



1.16 





Pr +4 


0.92ft 

1.00 


60 

«Nd 

1.81 

Nd + * 




1.08* 

63 

Eu 


Eu ++ 




1.17 ft 

64 

Gd 


Gd +3 



1.11 


68 

Er 

1.87 

Er + » 



1.04 


69 

Tm 


Tm" 



1.04 


70 

Yb 


Yb + * 



1.00 


71 

Lu 


Lu +I 



0.99 


72 

Hf 

1.57 






73 

Ta 

1.427 






74 

W 

01.37 

W +4 


0.66ft 

0.68 




ol.26 

W + ‘ 




0.65?* 
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Table 122. —Atomic and Ionic Radii.— (Continued) 


Atom 

No. 

Element 

Atomic radii 

1 

Ion 

Ionic radii, C.N.6 

2 

3 

4 


75 

Re 

1.367 






76 

Os 

1.335 

Os +< 


0.65tt 

0.67 


77 

Ir 

1.354 

Ir+« 


mmmm 

0.66 


78 

Pt 

1.384 

Pt ++ 




0.52* 




Pt + < 




0.55?* 

79 

Au 

1.439 

Au + 


1.37 



80 

Hg 

1.50 

Hg+* 


1.10 

1.12 


81 

T1 

/SI.71 

Tl + 


1.44tt 

1.49 




al. 70 

Tl+« 1 


0.95 

1.05 


82 

Pb 

1.746 

Pb ++ 


1.21* 

1.32 

1.18* 




Pb + < 


0.84 

0.84 

0.70* 

83 

Bi 

1.55 

Bi H * 




1.20* 




Bi +S 


0.74 



88 



Ra + * 




1.52J5 

90 

Th 

1.79 

Th + « 


1.02tt 

1.10 


92 

U 

01.48 

U + < 


0.97tt 

1.05 




al. 41 







Column 1. Nicbcroeh, M. C., Z. Kritl., *S, 1 (1936). 

Column 2. Zachariaben, W. H., Z. Kriet., 80, 137 (1931) calc. 

Column 3. Paulino, Linus, J. Am. Chem. Soc., 49, 765 (1927), calc. 

Column 4. Goldschmidt, V. M., Ber. t 60, 1263 (1927), empirical. 

♦ Wyckoff, E. W. G., “The Structure of Crystals,” p. 192, Reinhold Publishing Cor¬ 
poration, New York, 1931. Wyckoff s values have been given when they differ markedly 
the other data, or when they supplement the other data. 

t In B-O, C-O, N-O, Si-O, P-O, S-O, Cl-O, Br-O, Sb-0 the numerical value is the inter¬ 
com atomic distance, not a radius. 

i ZACHARiABBN, W. H., J. Am. Ckem. Soc., 53, 2123 (1931). 

Paulino, Linub, L. O. Brockway, and J. Y. Beach, J. Am. Ckem. Soc., 57, 2705 (1935). 
* Zachariaben, W. H., private communication. 

+t Paulino, Linus, J . Am. Ckem. Soc., 49, 765 (1927), empirical values. 

II Paulino, Linub, J. Am. Ckem. Soc., 59, 1132 (1937). 

Schulxb, G. E. R., Z. phyeik. Chem., B 32, 430 (1936). 
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Table 123. —Table of Univalent Radii 


Valence 

-3 

-2 

-1 

1 

2 

3 

4 

5 

6 

7 




H 

Li 

Be 

B 

C 

N 



Z 



1.36 

0.68 

0.55 

0.42 

0.38 

0.35 



P 



2.08 

0.60 

0.44 

0.35 

0.29 

0.25 




N 

0 

F 

Na 

Mg 

Al 

Si 

P 

S 

Cl 

z 

2.02 

1.76 

1.33 

0.98 

0.89 

0.79 

0.69 

0.66 

0.64 

0.63 

p 

2.47 

1.76 

1.36 

0.95 

0.82 

0.72 

0.65 

0.59 

0.53 

0.49 


p 

S 

Cl 

K 

Ca 

Sc 

Ti 

V 

Cr 

Mn 

z 

2.56 

2.20 

1.81 

1.33 

1.17 

1.03 

0.88 

0.82 

0.70 

0.68 

p 

2.79 

2.19 

1.81 

1.33 

1.18 

1.06 

| 0.96 

0.88 

0.81 

0.75 


As 

Se 

Br 

Rb 

Sr ; 

Y 

Zr 

Cb 

Mo 


z 

2.62 

2.29 

1.96 

1.48 

1.34 

1.19 

1.07 

0.98 

0.00 


p 

2.85 

2.32 

1.95 

1.48 

1.32 

1.20 

1.09 

1.00 

0 . 93 » 



Sb 

Te 

I 

Cs 

Ba 

La 

Ce 1 




z 

2.77 

2.47 

2.19 

1.67 

1.49 

1.30 

1.14 




p 

2.95 

2.50 

2.16 

1.69 

1.53 

i 

1.39 

1.27 





Z. Zachariasen, W. H., Z. Krist., 80, 137 (1931). 

P. Pauling, Linus, J. Am. Chem. Soc., 49, 765 (1927). 
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Table 124 . —Electronic Structure of Neutral Atoms.—( Continued) 


n - 

K 

1 

L 

2 

M 

3 

N 

4 

O 

5 

p 

0 

Atom 

a 

i 

P 

a 

P 

d 

a 

P 

d 

m 

a 

P 

d 

a 

P 

d 

Mo 

2 

2 

6 

2 

0 

10 

2 

0 

5 


1 






Ma 

2 

2 

6 

2 

0 

10 

2 

0 

0 


1 






Ru 

2 

2 

6 

2 

0 

10 

2 

0 

7 


1 






Rh 

2 

2 

6 

2 

0 

10 

2 

0 

8 


1 






Pd 

2 

2 

6 

2 

0 

10 

2 

0 

10 








Ag 

2 

2 

6 

2 

0 

10 

2 

0 

10 


1 






Cd 

2 

2 

6 

2 

0 

10 

2 

0 

10 


2 






In 

2 

2 

6 

2 

0 

10 

2 

0 

10 


2 

1 





$n 

2 

2 

6 

2 

0 

10 

2 

0 

10 


2 

2 





Sb 

2 

2 

6 

2 

0 

10 

2 

0 

10 


2 

3 





Te 

2 

2 

6 

2 

0 

10 

2 

0 

10 


2 

4 





I 

2 

2 

6 

2 

0 

10 

2 

0 

10 


2 

5 





X 

2 

2 

6 

2 

0 

10 

2 

0 

10 


2 

0 





Cs 

2 

2 

6 

2 

0 

10 

2 

0 

10 


2 

0 


1 



Ba 

2 

2 

6 

2 

0 

10 

2 

0 

10 


2 

0 


2 



La 

2 

2 

6 

2 

0 

10 

2 

0 

10 


2 

0 

1 

2 



Rare earths 

2 

2 

6 

2 

0 

10 

2 

0 

10 

1-14 

2 

0 

1 

2 



Hf 

2 

2 

6 

2 

0 

10 

2 

0 

10 

14 

2 

0 

2 

2 



Ta 

2 

2 

6 

2 

0 

10 

2 

0 

10 

14 

2 

0 

3 

2 



W 

2 

2 

6 

2 

0 

10 

2 

0 

10 

14 

2 

0 

4 

2 



Re 

2 

2 

6 

2 

0 

10 

2 

0 

10 

14 

2 

0 

5 

2 



Os 

2 

2 

0 

2 

0 

10 

2 

6 

10 

14 

2 

6 

0 

2 



Ir 

2 

2 

0 

2 

0 

10 

2 

0 

10 

14 

2 

0 

7 

2 



Pt 

2 

2 

0 

2 

6 

10 

2 

0 

10 

14 

2 

0 

8 

2 



Au 

2 

2 

0 

2 

0 

10 

2 

0 

10 

14 

2 

0 

10 

1 



Hg 

2 

2 

0 

2 

0 

10 

2 

0 

10 

14 

2 

0 

10 

2 



T1 

2 

2 

0 

2 

0 

10 

2 

0 

10 

H 

2 

0 

10 

2 

1 


Pb 

2 

2 

0 

2 

0 

10 

2 

0 

10 

14 

2 

6 

10 

2 

2 


Bi 

2 

2 

0 

2 

0 

10 

2 

6 

10 

14 

2 

0 

10 

2 

3 


Po 

2 

2 

0 

2 

0 

10 

2 

0 

10 

14 

2 

0 

10 

2 

4 


— 

2 

2 

0 

2 

0 

10 

2 

0 

10 

14 

2 

0 

10 

2 

5 


Nt 

2 

2 

0 

2 

0 

10 

2 

0 

10 

14 

2 

0 

10 

2 

0 


— 

2 

2 

0 

2 

0 

10 

2 

0 

10 

14 

2 

0 

10 

2 

0 


Ra 

2 

2 

0 

2 

0 

10 

2 

0 

10 

14 

2 

0 

10 

2 

0 


Ae 

2 

2 

0 

2 

0 

10 

2 

0 

10 

14 

2 

6 

10 

2 

0 

1 

Th 

2 

2 

6 

2 

0 

10 

2 

6 

10 

14 

2 

0 

10 

2 

0 

2 

Pa 

2 

2 

0 

2 

0 

10 

2 

6 

10 

14 

2 

0 

10 

2 

0 

3 

U 

2 

2 

6 

2 

0 

H 

2 

. 

0 

10 

14 

2 

0 

10 

2 

0 

5 
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Table 125.— Tetrahedral Atomic Radii* 



Be 

B 

C 

N 

O 

F 


1.07 

0.89 

0.77 

0.70 

0.66 

0.64 


Mg 

A1 

Si 

P 

S 

Cl 


1.40 

1.26 

1.17 

1.10 

1.04 

0.99 

Cu 

Zn 

Ga 

Ge 

As 

Se 

Br 

1.35 

1.31 

1.26 

1.22 

1.18 

1.14 

1.11 

Ag 

Cd 

In 

Sn 

Sb 

Te 

I 

1.53 

1.48 

1.44 

1.40 

1.36 

1.32 

1.28 

Au 

Hg 

T1 

Pb 

Bi 



1.50 

1.48 

1.47 

1.46 

1.46 




* Paulino, Linus, and M. L. Huggins, Z . Krist ., 87, 205 (1934). 


Table 126.— Normal-valence Radii for Nonmetallic Atoms 


Single-bond Radii* 


Double-bond Radii f 
(Factor 0.87) 



H 

0.28 

(0.375 A in 

Ho) 

B 

0.80 

C 

0.67 

N 

0.61 

o 

0.57 

B 

0.89 

C 

0.77 

N 

0.70 

O 

0.66 

F 

0.64 


Si 

1.06 

P 

1.00 

s 

0.95 


Si 

1.17 

P 

1.10 

S 

1.04 

Cl 

0.99 

Triple-bond Radii t 
(Factor 0.78) 


Ge 

1.22 

As ! 

1.21 

Se 

1.17 

Br 

1.14 


c 

0.61 

N 

0.55 

O 

0.52 


Sn 

1.40 

Sb 

1.41 

Te 

1.37 

I 

1.33 


Si 

0.99 

P 

0.93 

S 

0.88 


Pb 

1.46 

Bi 

1.51 





* Paulino, Linus, and M. L. Huqqinb, Z. Krist ., 87, 205 (1934). 
t Paulino, Linus, and L. O. Brockway, J . Am . Chem . Soe ., W, 1223 (1937) 
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Table 127.— Octahedral Atomic Radii from Pyrite Type Crystals* 


Valence 

Fe 

Co 

Ni 

Ru 

Os 

Rh 

Ir 

Pd 

Pt 

Ag 

Au 

11 

1.23 

1.32 

1.39 

1.33 

1.43 

1.50 

1.54 (by extrapolation) 

III 


1.22 

1.31 


1.32 

1.42 

1.49 

IV 



! . 2 ! 



1.31 

1.41 


Square Atomic Radii* 


Co 1 

Ni 11 

Cu m 

Rh* 

Ir 1 

pd n 

pt n 

Ag lu 

Au m 

1.23 

1.22 

1.21 

Cu 11 

1.32 f 

1.33 

1.32 

1.31 


Trigonal Prism Atomic Radii* 


Crystal 

d obsd. 

Radius calc. 

MoS 2 

2.41 

1.37 ! 

Mo™" 

WS 2 

2.48 

1.44 

W ,v 


* Pauling, Linus, and M. L. Huggins, Z. Kri&t., 87, 205 (1934). 
t Habkeb, D., Z . Kriat., 98, 136 (1936). 
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SUBJECT INDEX 


A 

ABXz compounds, stability of, 282, 
283 

structure of, 23, 265-267 
ABX 4 compounds, stability of, 284 
structure of, 274-277 
AiBXa compounds, structure of, 
278-280 

AX compounds, bond types in, 186 
strength of, 27-30, 225-235 
structure of, 0-13, 17-20, 177-186 
AX% compounds, bond types in, 207 
strength of, 225-235 
structure of, 13, 14, 20-22, 186- 
198 

AXs compounds, structure of, 199 
A 2 X a compounds, structure of, 198 
AX 4 compounds, structure of, 201 
AX* compounds, structure of, 201 
Acids, 29, 246-248 
Addition compounds, 201-203 
Age hardening of alloys, 118, 119 
Aliphatic compounds, structure of, 
336 

Alloys, classification of, Chart A, 
facing 424 
formation of, 99 
of iron, 114, 116 

(See also , Intermediate phases; 
Solid solutions) 

Ammoniates, stability of, 313 
structure of, 311 
Arsenic, structure of, 65 
Asbestos, structure of, 289, 355, 359 
Atomic crystals, strength of, 28 
Atomic radius, definition of, 33 
factors influencing, 33, 39 
influence of, on isomorphism, 324 


Atomic radius, of metals, 77-83 
methods of determining, 52-57 

B 

Bases, 29, 246-248 
BaSO, structure of, 274-277 
Beta phases, of alkalies, 147 
of alkaline earths, 147 
electron concentration in, 127, 139 
properties of, 134, 138 
structure of, 127-133, 139 
BN, structure of, 9, 185 
Boiling points as criteria of bond 
type, 166 

Bond, nature of, in binary com¬ 
pounds, 167, 186, 207 
classification of crystals accord¬ 
ing to, 209 

within complex ions, 320 
in hydrogen halides, 167 
influence, on color, 248-251 
on ionic diffusion, 251-253 
on photoelectric conductiv¬ 
ity, 254 

on photosensitivity, 255 
on properties of, crystals, 257 
(See also , Covalent bond; Hy¬ 
drogen bond; Hydroxyl bond; 
Ion-dipole bond; Ionic bond; 
Metallic bond; Van der 
Waals’ forces) 

Born-Haber cycle, for binary ionic 
compounds, 217, 219 
BPO4, structure of, 274-277 
Bragg equation, 4 
Brass, ductility of, 134 
electrical resistance of, 134 
structure of, 126 
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Brass, tensile strength of, 134 
Brittleness, of cellulose fibers, 324 
of metal wire, 398 
of regenerated cellulose fibers, 412 
of synthetic resin fibers, 402, 403 

C 

CaC*, structure of, 195 
CaCO*, structure of, 23, 267, 268 
CaF 2 , occurrence of, 187 
structure of, 13 
CaSC> 4 , structure of, 274-277 
CaW0 4 , structure of, 274-277 
C-C distance, aliphatic, 341, 342 
aromatic, 341 

minimum, in adjacent molecules, 
344 

CdCl 2 , occurrence of, 190 
structure of, 190-192 
Cdl 2 , occurrence of, 189 
structure of, 21, 189 
Cellophane, structure and swelling 
of, 377 

Cellulose fibers, bacterial, 406-407 
crystalline, discontinuity of, 370, 
371 

growth rate of, 360, 371 
molecular weight of, 368 
stability of, 373 
structure of, 363-368 
swelling of, 377 

{See also Cotton fibers; Ramie 
fibers; Wood fibers) 

Chain structures, classification of, 
209 

in silicates, 288, 289 
Close-packed structures, 68 
C-N distance in organic compounds, 
342 

C0 2 , structure of, 13, 196 
Collagen, structure of, 391 

effect, of chrome tanning, 392 
of swelling, 392 

Color, of atomic crystals, 248-251 
effect of “loosened bond” on, 
249-251 


Color, of ionic crystals, 248-251 
of metals, 96 

Commensurable crystals, 37 

Compounds of variable composition, 
156, 157, 201-203 

Compressibility of AX compounds, 
224, 225, 256 

Coordination number, of ABX * 
structures, 267 
of ABX * structures, 275 
of AiBXi structures, 279 
of AX structures, 13, 186, 207 
of AX^ structures, 14, 207 
of A 2 X 3 structures, 198 
of binary crystals, 207 
definition, 12 
effect, on atomic radii, 49 
of radius ratios on, 12 
in radicals, 23, 24, 267, 275, 279 
in Werner complexes, 307 

Cotton fibers, crystalline orienta¬ 
tion in, 374 
discontinuity of, 370 
disintegration of, 359-362 
growth rate of, 360, 371 
mercerized, 407-411 
properties of, 374 
structure of, 359 

Covalent bond, in alloys, 137, 138 
directional properties of, 162, 164, 
170, 171 

effect of, on AX structures, 17, 18, 
180-182 

on AX >2 structures, 20-22 
on color, 248-251 
on coordination number, 18 
on interatomic distance, 17, 19 
on strength of ionic crystals, 29, 
164 

formation of, 16 
identification of, 170-177 
in metals, 87 
properties of, 257 
in radicals, 22, 29, 260, 261 
transition, to ionic bond, 165-170 
to van der Waals* force. 210,211 
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Cristobalite, occurrence of, 188 
structure of, 13 
Crystal lattice, 6 

Crystal structure, as evidence of 
bond type, 175 

influence of, on equivalent con¬ 
ductivity, 234-236 
on hardness, 231-238 
on melting point, 231-238 
Crystal synthesis, 327 
Crystals, molecular, 30 
molecular rotation in, 326 
mosaic structure in, 92-94 
weakened models of, 328 
CsCl, occurrence of, 177-180 
structure of, 9 
Cu 3 A1, structure of, 127 
CutSn, structure of, 127 
CuZn, structure of, 127 

D 

Definite proportions, law of, 333 
exceptions to, 156, 157, 291- 
293, 330-333 

Diamond, structure of, 67 
Diffusion of ions in solids, 251-254 
Diphenyls, optical activity of, 346 
Ductility, of 0 , 7 , and e phases, 134 
of brass, 134 
of metals, 94 

E 

8 -N rule, 68 

Elasticity, of cellulose fibers, 375 
of silk fibers, 384 
of synthetic fibers, 406 
of wool fibers, 385 
Electrical conductivity, in /3, y, and 
c phases, 134 
in brass, 134 
in glass, 306 

in ionic crystals, 251-254 
in metals, 84 
in solid solutions, 120 
Electron affinities, 161 


Electron distribution, in Cl~, 41 
in metallic structures, 72 
in Na + , 41 

Electron concentration, in 0 phases, 
127 

in 7 phases, 128 
in € phases, 133 

influence on nature of binary sys¬ 
tems, 208 

quantum mechanical prediction 
of, 140 

in saturated solid solutions, 106 
Electronic structure, effect, on bond 
type, 203-207 
on hardness, 230-231 
on melting points, 230, 231 
on solubility, 243 
on stability, 316, 317 
of neutral atoms, 421 
Elements, allotropy of, 66 , 81 
classification of, 62 
structure of, 62 
Elongation, of wire, 399 
of wool fibers, 287 
Epsilon phases, electronic concen¬ 
tration in, 133, 139 
properties of, 134, 138 
structure of, 133, 139 
Equivalent conductivity, relation 
to bond type, 234-237 

F 

FeS, structure of, 9 
FeS 2 , nature of bonds in, 195 
occurrence of, 193 
properties of, 255 
structure of, 196 

Fiber orientation, X-ray analysis of, 
353-358 

Fibers, definition of, 349 
diffraction patterns of, 355, 378, 
405 

synthesis of, 358 
formation of, 349, 416 
by drawing, 384, 397, 401, 405 
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Fibers, formation of, by drying under 
tension, 401, 407, 409-413 
by stretching, 384, 392, 394, 
401, 407 

properties of, brittleness, 374, 398, 
399, 402, 403, 412 
elasticity, 375, 385, 405, 406 
elongation, 387, 399, 412 
pliability, 37*4, 398, 399, 402, 
403, 413, 415 

reactivity, 375, 410, 412, 415 
shrinkage, 382 
swelling, 375, 393 
tensile strength, 374, 381, 384, 
393, 394, 398, 400, 405, 406, 
412-415 

G 

Gamma phases, electron concentra¬ 
tion in, 128, 139 
properties of, 134 
structure of, 127-133, 139 
Gelatin, effect of formaldehyde on, 
414 

molecular weight distribution in, 
392 

properties of, 393 
Glasses, occurrence of, 304-306 
structure of, 302 
Graphite, structure of, 67 
Growth rings in cellulose fibers, 371 

H 

Hardness, of binary compounds, 28, 
225-239, 256 

of crystals with intermediate type 
bonds, 29, 225-239 
of interstitial alloys, 144 
of metals, 94 
of solid solutions, 117 
Heat of formation of binary com¬ 
pounds, 219-222 
Heats of hydration, 240 
Hydrates, stability of, 313 
structure of, 311 


Hydrogen atom, wave mechanical 
picture of, 39 
Hydrogen bond, 58 
Hydrolysis, 246, 257 
Hydroxyl bond, 59 
Hume-Rothery rule, 126, 128 
possible exceptions to, 132, 140 

I 

Ilmenite, structure of, 267, 273 
Inorganic fibers, 400 
Interatomic distances, 33, 54-56 
as indication of bond type, 17, 
173, 176, 344 

influence, on hardness, 226 
on melting point, 226 
in organic crystals, 340 
in radicals, 265, 282 
relation to ionization, 77-83 
Intermediate phases, 127-154 
of alkalies and alkaline earths, 
146-149 

definition of, 99 
of fixed composition, 149 
interstitial, 140-146 
nature of bonds in, 137 
properties of, 134-136 
structure of, 125-149 
superlattices, 151-153 
Intermetailic compounds, 123 
definition of, 154-157 

(See also Intermediate phases) 
Interstitial solid solutions, 113 
Iodine, structure of, 61 
Ion-dipole bond, 321 
Ionic bond, occurrence of, 159-161 
properties of, 257 
transition to covalent bond, 165- 
170 

Ionic radii, 417-424 
determination of, 34-52 
effect, of coordination number on, 
49 

of covalent binding on, 17 
of electronic structure on, 45-47 
of radius ratio on, 51 
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Ionic radii, effect, of valency on, 50 
influence, on crystal structure, 10, 
12, 14, 265-275 
on solubility, 241 
variations in, 33 

Ionization potential, influence on 
bond information, 159 
Iron, binary alloys of, 114, 116 
Isomorphism, 25, 26, 323 

K 

KBr0 3 , structure of, 267, 270 
KC10 4 , structure of, 274-277 
K 2 PtCl 4 , structure of, 278-280 
K 2 S0 4 , structure of, 278-280 

L 

Lanthanide contraction, 47 
Lattice energy, as criterion of bond 
type, 170, 172 

in ionic crystals, 214-219, 255 
Layer-lattice structures, arsenic, 65 
CdCl 2 , 190 
Cdl 2 , 21 

effect of polarization on forma¬ 
tion of, 21, 190 
graphite, 67 
MoS 2 , 192 

occurrence of, 21, 189, 205, 209, 
290 

properties of, 231, 232 
in silicates, 289-290 
Long-chain compounds, fibering of, 
349-352 

structure of, 336 
M 

Melting points, of binary com¬ 
pounds, 28, 225-239, 256 
of crystals with intermediate type 
bonds, 29 

of solid solutions, 122 
Metal fibers, 397-400 


Metallic bond, 68-70 
properties of, 257 
Metallic state, 68-72 
electron gas theory of, 70 
quantum mechanical theories of, 
71 

Metals, allotropy of, 81 
color of, 96 
ductility of, 94 
electrical conductivity of, 84 
ferromagnetism of, 89 
hardness of, 94 
ionization of, 78-81 
melting points of, 85, 90, 91, 94, 
221 

superconductivity of, 88 
surface tension of, 95 
structure of, 68, 76, 77 
thermal conductivity of, 84 
thermal data for, 221 
Mica, structure of, 289, 290 
Mixed crystals, 324 
Molecular complexes, 319 
Molecular lattice, occurrence of, 30, 
205 

Molecular rotation in crystals, 326 
MoS 2 , occurrence of, 192 
structure of, 192 

N 

NaCl, occurrence of, 177-180 
structure of, 9 

NaClOs, structure of, 267-270 
Na 2 S0 4 , structure of, 278-280 
(NFL^PtCle, structure of, 309, 310 
(NH 4 ) 2 Pt(CNS) 6 , structure of, 309, 
310 

NiAs, occurrence of, 182-185 
properties of, 184, 255 
Ni(H 2 0)6SnCl6, structure of, 309, 
310 

N-N distances in organic com¬ 
pounds, 342 

Normal valence radii, 55, 423 
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O 

Octahedral radii, 56, 424 
Oils, fibering of, 352 
Olivine, structure of, 287 

P 

Paramagnetic susceptibilities, as 
criteria of bond type, 170, 171 
Particle structure in cotton, 371 
Perovskite, structure of, 267-270 
Phenacite, structure of, 278-280 
Phosphotungstic acids, structure of, 
300 

Photodissociation of molecules, as 
criterion of bond type, 170, 171 
Photoelectric conductivity, relation 
to bond type, 254 

Photosensitivity, relation to bond 
type, 255 

Pliability, of cellulose fibers, 374 
of synthetic fibers, 402 
of wire fibers, 398 

Polarization, influence on crystal 
structure of, 17, 18, 164 
magnitude of, 16 
measurement of, 165 
Polyhalides, stability of, 285 
Polymorphism, 27, 325 
Pyroxenes, structure of, 288 

Q 

Qualitative analysis, scheme of, 245 
R 

Radicals, bonds in, 22, 260, 261 
BXt groups, plane, 268 
pyramidal, 269 

coordination numbers in, 23, 24, 
262-265 

S w O n -2 groups, structure of, 280 
Radii, atomic (see Atomic radius) 
ionic (see Ionic radii) 
metallic, 417 


Radii, normal valence, 55, 423 
octahedral, 56, 424 
square, 57, 424 
tetrahedral, 54, 56, 423 
trigonal, 57, 424 
univalent, 42, 420 

use in radicals, 263-265 
Radius radio, effect, on interionic 
distances, 51 

on structure, of AX compounds, 
12, 177, 180, 186 
of AXz compounds, 14, 188, 
190 

of A 2 X 3 compounds, 198 
of radicals, 261-263 
of silicates, 298 
rule, 14 

Ramie fibers, crystalline orientation 
in, 374 

properties of, 374 
Reactivity, of cellulose fibers, 375 
of mercerized fibers, 410 
of protein fibers, 414, 415 
of regenerated cellulose, 412 
Regenerated cellulose fibers, 411 
Repulsion exponents, 43 
Resonance in organic crystals, 343 
Rubber, structure of, 394 

S 

Selenium, structure of, 64 
Silicates, classification of, 287-289, 
294 

strength of electrostatic bonds in, 
297 

Silk fibers, properties of, 384 
structure of, 381 
Si-0 networks, 290 
in glasses, 303-306 
Snl«, structure of, 30 
S m O,r 2 groups, structure of, 280-282 
Soaps, fibering of, 352 
Solid solutions, deviations from 
Vegard's law, 109 
electrical conductivity of, 120 
extent of, 103-113 
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Solid solutions, of ionic crystals, 202 
melting points of, 122 
primary interstitial, 113 
primary substitutional, 100 
properties of, 115 
secondary, 113 
thermal conductivity of, 122 
Solubility, of binary compounds, 
239-246, 256 

Spinel, structure of, 278-280 
Square radii, 57 

Subtraction compounds, 201-203, 
324, 325, 331-333 
Superconductivity, 88 
Superlattices, 151-154 
Swelling, of cellulose fibers, 375-377 
of gelatin, 393 

Synthetic resin fibers, 400-402 
T 

Tendon, properties of, 394 
Tensile strength, of p brass, 134 
of p phases, 134 
of catgut sutures, 415 
of cotton fibers, 374 
of fibers, 416 
of 7 phases, 134 
of gelatin, 393, 394 
of ionic fibers, 400 
of metals, 94 

of regenerated cellulose fibers, 412 
of silk, 384 

of synthetic resin fibers, 405, 406 
of wire, 398 
of wood, 381 

Tetrahedral radii, 54, 56, 423 
Thermal conductivity, of metals, 84 
of solid solutions, 122 
Thermoplasticity of long-chain mole¬ 
cules, 412 

TiO-j, rutile, occurrence of, 187 
structure of, 13 
Tolerance factor, 272 


Transition elements, ionization of, 
130 

Trigonal prism radii, 57, 424 
U 

Unit cell, 6 

Univalent radii, 42, 263-265, 420 
V 

Valence, influence of, on bond type, 
207, 262 

on coordination number, 262 
on crystal structure, 207, 262 
on hardness, 228, 229 
on melting point, 228, 229 
on solubility, 242 
quantum mechanical interpreta¬ 
tion of, 169 

Van der Waals’ forces, 210, 211, 257, 
346 

Variable composition, compounds of, 
156, 157, 291-293, 330-333 

Vitreous state, structure of the, 302 

W 

Water, of constitution, 311 
of crystallization, 311 
zeolitic, 311 

Wood fibers, crystallite orientation 
in, 377-380 

physical properties of, 381, 382 
rate of growth of, 372 
structure of, 362, 364 

Wool fibers, properties of, 384-391 

Z 

Zeolites, 291 

ZnO, occurrence of, 180-182 
structure of, 9 

ZnS occurrence of, 180-182 
structure of, 9 
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